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" Summary
This thesis is divided into three sections* After 
the General Introduction, Chapter 1 describes an attempt 
to show that the primary kinetic hydrogen isotope effect 
for a weak carbon acid - (d) -o/p'-phenylmethylacetophenone - 
is dependent upon the difference in basic strength between 
the acid and catalysing base. Isotope effects were 
determined from the ratio of the rate of racemisation to 
the rate of detritiation for the selected ketone, and 
reactions were carried out in ethanol-ethoxide-dimethyl 
sulphoxide solutions.
Chapter 2 is an account of the development of a novel 
method for determining the equilibrium acidity constant of 
weak carbon or nitrogen acids, using the difference obtained 
in the rate of detritiation of a ’'standard" weak acid, when 
the detritiation reaction is carried out in the presence, 
and absence, of another non-tritiated weak acid. The 
acidities of some weak carbon and nitrogen acids were 
determined in y^a ter-dimethyl sulphoxide solutions containing 
tetramethylammonium hydroxide.
Chapter 3 describes a further attempt to show a relation­
ship bety/een the kinetic hydrogen isotope effect for a weak 
nitrogen acid - nitramide - and the difference in basic strength 
between the acid and catalysing base. Isotope effects were 
determined from a ratio of the rate of decomposition of 
nitramide when the reaction y/as conducted in water to that 
obtained when the reaction was conducted in deuterium oxide.
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GENERAL INTRODUCTION
The rates of ionisation of weak acids can he 
determined using a variety of techniques, hut that 
employing a tracer isotope of hydrogen is, undoubtedly, 
one of the most attractive and has heen employed in most 
of this work. That tritium is chemically identical to 
hydrogen, hut yet radioactive, offers the opportunity of 
being able to follow the rates'of ionisation of tritiated 
weak acids, by observing the change of radioactivity in 
a 'particular species with time.
For an exchange reaction of the type,
-AX* + BX AX + BX* •••(i)
3£where X is a distinguishable isotope of X, it has been
1-5shown that the rate of reaction is first order with 
respect to radioactivity regardless of whether the overall 
reaction is uni, bi7 or termolecular. Further, the 
reaction will still be first order irrespective of the 
magnitude of any isotope effect associated with the reaction,
provided that the concentration of distinguishable isotope
,, .6 remains small.
When the exchange reaction is the ionisation of a 
weak acid by a base in suitable media, we have, for a rate 
determining proton loss, the equations:—
...(ii)
...(iii)
RH + B =ib R + BH 
k-l
RT + B" R“ + BT
k-2
RH represents a weak acid and RT its tritiated analogue; 
B represents the base.
7-The general rate equation for these reactions is 
given by,
ajjl] = kgtRHf (e(l -cC)fi -(1 - p)rf) ...(iv)
“  1 - prk_x - k_2l
k-2
t[RH] represents the total concentration of RH; cJ. and (3 
are the atom fractions of tritium in RH and BH respectively, 
and e is the fractionation factor defined by,
e - (l - Poo )°Sco ..«(v)
(1 “• cKft, )
where <?(<* and (3«, are the atom fractions of tritium after 
infinite time.
Since tritium is present in small concentrations, o(. 
and (3 are much less than unity, and [RT] —  d [RH] giving,
d^ C = (e(3 -oC) ...(vi)
dt •
7which can be written as ,
d (oU -oi) = k 2([RH]t + 2[BH]t) [<?(« - oL ] .. . (vii)
dt 2 [BH]t
If the total amount of RH is small compared to the total 
amount of BH, we have,
a In (o(.c*~C() = “ k2 ... (viii)
_ _  "
0( is directly proportional to the observed number of 
disintegrations per minute in either RT or BT and hence,
d In (Coo - C )  = -kp ...(ix)
dt
A plot of log (Cco - C) against time for either RT or BT 
will yield kg, the rate of rupture of the C-T bond.
8 9The method has been applied to a number of systems 
and can be used for following reactions with very long 
half lives'^.
Tritium is a weak (3~emitter, (E = 18.6 KeV; halfmax .
11life 1 2 .2 6 years) , and as such requires a specialised
assaying technique, that of liquid scintillation counting
being the method most frequently employed. Certain organic
solvents when bombarded with radiation of high energy produce
12 13a measurable fluorescence 9 which is dramatically
increased by the addition of small amounts of a scintil- 
13lation solute . The radioactive sample is dissolved in a 
solution comprising a scintillation solvent and solute. 
Radioactive energy emitted from the sample thus produces a 
fluorescence, the frequency of which depends upon the 
energy of the (3 -particles, a fact which can be used to help 
discriminate b'etween weak (3-emitters. The intensity of 
this fluorescence is a direct measure of the concentration 
of the radioactive species and is converted to electrical 
energy, using photomultiplier tubes. This electrical 
energy can then be amplified and detected.
The ability of the scintillation solvent to absorb the 
emitted energy and transfer it efficiently to the solute 
can be considered as a measure of its usefulness. The 
alkyl benzenes, particularly toluene, fulfil this function 
effectively but in cases where the radioactive substrate is 
insoluble in these solvents, phrified dioxan or anisole 
are sometimes used. The energy transfer process probably oc 
curs by the migration of the excitation energy from solvent 
molecule to solvent molecule and then to the dissolved
solute, but some diffusion of exited molecules through, 
the solution seems also to take place. These processes 
of energy transfer compete with three other processes:
(a) An internal quenching of the excitation energy 
of the solvent molecule in the solvent itself, 
competing with the transfer of energy to the 
fluorescent solute;
(b) An internal quenching in the fluorescent molecule 
which is independent of its concentration and 
which is probably responsible for the different
, efficiencies of different scintillation solutes;
(c) There is also self quenching among similar 
fluorescent molecules, which increases with the 
concentration of the scintillation solute.
The last two processes compete with the process of light 
emission in the scintillation solute. Table 1 shows the 
scintillation properties of some of the common primary 
solutes.
Table 1. Primary Solutes for liquid Scintillation
______Counting______ _______ _
Solute Max. fluorescen«(n.m)
p-terphenyl 344
2,5-&iphenyloxazole 363
2-(4~biphenyl)-5-phenyl-oxadiazole 3^1
2-(4f-t-Butylphenyl)-3-(4,r-biphenyl)-
1,3,4 ~ oxadiazole J>G6
Throughout this work, a solution of 2,3-diphenyloxazole 
in toluene was used for all liquid scintillation counting.
Colour quenching, which occurs when a coloured radio­
active substrate is present in solution, may be minimised
by using very small concentrations of material with a high 
specific radioactivity, and corrections can be applied 
when the effects are serious by utilising an external or ■ 
internal standard.
In order that the rates of ionisation of weak acids shalj
kinetically accessible, a medium is required which is
capable of ionising these acids. A highly basic medium,
14 "which has been defined as a solution which ionises weak 
acids with an ability greater than or equal to a 0.1 M
If
aqueous alkali metal hydroxide solution' ", is generally 
assessed by the function H_. H_ measures the ability of 
the solution to remove a proton from an acid according to 
the equilibrium,
RH + B“ R.” + BH . . . (x)
The equilibrium constant for the reaction is given by,
K = A^~ AgH ...(xi)
ARH.AB~
where the A*s represent activities, and which gives,
log Ab~ fRH = - log K + log [R~"l FBHl .. . (xii)
where f ’s are activity coefficients and [ ] denotes 
concentration.
If the base used is the hydroxide ion we obtain,
log Ah 0.Kw.fBH = pK + log [R 1 fBHl ...(xiii)
V * fH20 - V  , tRH]
Kw is the ionic product of water.'
This gives5
- log Ah+.- fR~ = pKRH + log [R~J .eS(xiir)
T ~  [RH]
RH
Y/here pKBTT is the acidity of RH referred to water as the
xtli
standard state.
The term - log ATJ+.f - is defined as the H value of
Jti K  —
the solution. f-.^.lf.ll
For a compound of known pK , the H value of a solution
Jill —
may he obtained from a measurement of the ratio [R ]/[RH],
hut for the success of this approach a number of conditions
1 *5should he fulfilled . The acid RH should have a pK that 
can he determined in aqueous buffers and an ionisation range 
which spans the upper end of the pH scale and the beginning 
of the H scale. This acid can then he used to determine 
the H__ values of several different solutions. It is then 
possible to measure in the same solutions the fraction of 
a somewhat weaker acid, SH, that is ionized, and hence its 
pKl. provided the last term in equation (xv) is zero.
pKRH ~ pKSH = l0S  ^ “ l0S  ^ + l0g ?RH " fS~
r o  ts’]- : ~ r
sir r
...(xv)
1 & IVThis procedure, developed originally by Hammett 9 
can be applied repeatedly to calculate individual pK values 
and H_ values for a series of solutions. The pK’s for 
consecutive indicators should be less than 1.0 unit and 
never greater than 2.0 units apart; the acids should have 
closely similar structures, be stable to hydrolysis and 
sufficiently soluble in the relevant media.
• Measurements of - H__ values have been made by 
absorption spectrophotometrie estimation of the acid and/or 
its conjugate anion, a method capable of high accuracy 
using low indicator concentrations. The H values of 
aqueous alkali—metal hydroxide solutions have been
• .,18,19,20,21 . ■ j. ' ■ j -1 i • *1 • •determined , m  spite of indicator solubility
difficulties, up to concentrations of base as high as
l6 M, giving an overall change of some 6 H_ units. However,
22the H_ values are dependent on the nature of the cation
decreasing in the order KOH, HaOH, LiOH, for a given
concentration of base. This has been attributed, from
23kinetic studies , to the incomplete dissociation of the 
metal hydroxides at high concentrations.
Solutions of alkali—metal alkoxides in the corresponding
n) pi
alcohols are capable of attaining high H_ values" 9 but
because of the- low dielectric constants of the alcohols,
ion association is important even at low concentrations of
base and the trend in basicity as a function of the metal
cation is more pronounced than in the water—hydroxide media
15although the order is still the same .
In purely aqueous solution, the hydroxide ion is
extensively hydrated by, it has been suggested, between
25 263 and 6 water molecules 5 , and the addition of a dipolar
aprotic solvent such as dimethyl sulphoxide has the effect
27of leading to a dramatic increase in basicity . Since
dimethyl sulphoxide is known t6 be a poor solvator of
28anions , chiefly because it lacks an "active"hydrogen
and the positive end of its dipole is buried in the 
28 29molecule ’ , the increase in basicity of solutions con­
taining gradually greater amounts of dimethyl sulphoxide^
has "been attributed to a gradual desolvation of the
hydroxide ion"^5 • The dimethyl sulphoxide forms
31strong hydrogen bonds to water and effectively competes 
.with the hydroxide ion- in this way.
Although there are several methods of achieving highly 
basic media, that employing a dipolar aprotic solvent has 
many advantages. In particular, due to the low concen­
trations of base required, ion association is absent and 
no allowance need be made for it. The basicity can be 
varied in a continuous manner over a wide H__ range simply 
by increasing the concentration of dipolar aprotic solvent, 
and a wide range of organic compounds are much more soluble 
in media containing dimethyl sulphoxide than in purely 
aqueous solutions.
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CHAPTER 1
THE IONISATION OE (d) —o^o(rPHENYLMETHYL ACETOPHENONE 
   IN ALCOHOLIC MEDIA.________________
Introduction
Due to the high mobility of the proton, many reactions
involving its transfer are very rapid, so much so that the
reaction between strong acids and bases was often thought
1-5to be instantaneous. Relaxation techniques indicate 
the following general mechanism for acid-base reactions.
The first step is the diffusion of the reactants towards 
one another to a distance close enough to facilitate hydrogen 
bridge formation between donor and acceptor. Step two is 
the transfer of the proton itself and includes the formation 
of the hydrogen bridge. The third step is the separation 
of the products by diffusion.
It is well known that carbon and oxygen acids of the
same acid strength react with bases at markedly different
rates^. When the acidic proton is attached to a singly
bonded oxygen or nitrogen atom the rate of the acid-base
reaction is often diffusion controlled, and for such a
reaction to take place in water it has been suggested^ that
there must be access of the solvent to the proton in order that
8a G-rotthuss type mechanism may occur. Some later work, 
however, has shown that it is unlikely that there are any 
water molecules between the acid and substrate. When the 
proton is bonded to a carbon acid, or participates in an 
internal hydrogen bond, the proton-transfer reaction may 
no longer be diffusion controlled, and the rate coefficient 
becomes dependent upon the ionisation constant of the weak
• 9' acid .
The base catalysed decomposition of nitramide 
provided Br^nsted and Pedersen"^ with a reaction in which
the reaction coefficient, (k), was related to the base- 
strength of the catalyst, by the empirical equation,
log k = log & + |3log Kg ... 1 - (i )
where G- was a constant for that particular reaction.
The parameter p , was also a constant provided that the 
range in basic strength of the catalyst was not too large, 
and the significance of jS in proton transfer reactions has 
been the subject of much’ discussion.
11It has been argued that, since the transition state 
considerably resembles the reactants and products both in 
composition and structure, it is reasonable to suppose that 
any changes in its free energy can often be represented 
by a linear combination of the corresponding changes in 
the free energies of the reactants and products. This 
can be denoted by,
SG4, = a6G° + b8G° ...l-(ii)
where, since catalyst changes are usually achieved by 
changing substituents in the catalyst molecule,-6 represents 
a substituent operator.
12Further, it has been maintained that although the 
standard free energy of the transition state is at a 
maximum, it is not unlikely that any changes in its value 
due to medium or substituent effects will be intermediate 
to the corresponding changes for the reactants and products. 
This can be represented by,
8G+ = p5&° + (1 -£) 8&° ...l-(iii)
where 0 <  /3 <  1, and which gives the rate-equilibrium 
relationship,
\ 6 AG* = 36AG ...l-(iv)
which is analogous to the Brjzfasted equation.
From equation 1-(iii), 3 is taken to be a parameter 
measuring the extent to which the transition state resembles 
the products with respect to its sensitivity to medium or 
-structural changes. A value of unity indicates close 
resemblance to the products, whife. - a value near zero 
indicates close resemblance to the reactants. On this basis 
a value of 0.5 for 3 would correspond to a symmetrical 
transition state.
A satisfactory theoretical derivation of the BrjzSnsted
, catalysis law has not yet been presented but two interesting
attempts have been reported by Marcus and Levich et al.
13 14The successful theory ' developed by Marcus to account 
for the kinetics o£ weak-overlap electron transfer reactions,
has since been extended to the elementary steps of proton-
1 c -I /:
transfer reactions ' . The model for proton transfer used
by Marcus is similar to that employed by Eigen with the
difference that the free energy of activation barrier AG* is
considered in terms of an intrinsic barrier, which is basically
o 1
a reorganisational term, and an extrinsic barrier AG , the
free energy of reaction under the prevailing experimental
conditions. The standard free energy of the first step in
which the reactants are brought together is W27, that for the
o 1
actual proton transfer step is AGn , and that for theJt\
separation of the products V p . The intrinsic contribution to
the barrier, (A/4), is equal to the average of the reorganis­
ational barriers, (A^/4, A2 2 /4)/ of the two exchange reactions,
AH + A” — f A” + HA ^ii/4
B" + HB  V BH + B" A00/4 . . . 1- (v)■c  ZZ
The relationship between AG , AGR cv^AX takes the form,
01 \2
R Y  . X/4 ...l-(vi)
oi ^
where AG_, = - v F i r  A G o iK i
17For electron -transfer reactions the quantityAcan be 
calculated. However this has not, as yet, been done for 
proton transfer reactions.
The Br^nsted" exponent is defined by,
3 = (dAG*/dAG > x, Wr, wP = ^  + AGr ^  ...l-(vii)
o 1
For a symmetric proton transfer, AG_ = O and 3 = h rIx 
0 1
whilst for a downhill transfer AG_ < 0 ^ 3  < h correspondingX\
to a "product-like" transition state. v F , V p  X may be 
expected to be constant for a series of structurally similar 
acids or bases'^.
If the intrinsic barrier does not remain constant when
the acid HA is changed, the slope of the free energy plot
is given by,
I 3 = 0 . 5 ( 1  + x ) + ( 1 - x 2)31 .. .l-(viii)
0 1 0 1 
where x = AGR / X  3j_ = (dA/dA) / (dAG /dA)
i
Marcus has shown that 0.5 (1 + x) represents the position
of the transition state along the reaction coordinate.
In a quantum-mechanical calculation of the rate
19coefficient of a proton-transfer reaction , the proton m  
the acid molecule was taken as the initial state, and 
proton interaction with a basic anion was treated as a 
perturbation which led eventually to a transfer? solvent
interaction was described by a dielectric-continuum
4 2 0approximation . Levich et al. showed that,
AG = W + Ll + AG$
1 when E < AJ s
3 = dEa = )'(AJ’ + E ,)/2 when -E < AJ < E
al a  f  s s s
0 when -E ' > AJ
where AJ is the difference in potential energy of the
electron and proton in the initial and final states and was
considered equivalent to the enthalpy change for the
reaction. E is the reorganisational energy of the solvent s
upon transition. E is the activation energy for thea
reaction.
Theoretical results were obtained for the reaction
between acetylacetone and various acceptors, and compared
21with the experimental values obtained by Eigen . Good 
agreement was found between the theoretical log k/AJ plot 
and the experimental points.
22It has recently been pointed out , that representing 
a proton-transfer reaction by a one-step mechanism may 
be inadequate, and the more complete sequence
— ' _ DU _
B + H — R —  -a R + H —  B v R — H + B
"iTT" k ~ >-b c
has been suggested.
For a sufficiently reactive intermediate carbanion,
recapture of a proton from H —  B by R may be faster than
23 24 49diffusion of H —  B into the solvent pool 9 9 , and unless
k_k << kc , the observed rate coefficient will not equal
the rate of ionisation. The observed rate coefficient 
Will be given by kobsdi= kbkc/ (k-b+ kc>'land an^ relation- 
ship between log k ^ ^ and -pK will be obscured by the 
importance of solvent diffusion as a component of the rate 
determining step.
Eigen^ has demonstrated that the rate of encounter 
complex formation for most oxygen and nitrogen acids is
9 11 “1 “1in the range 10 - 10 l.mole sec , which is consistent
with that expected for a diffusion-controlled encounter.
However, for compounds where hydrogen bond formation is
difficult, the rate of encounter complex formation is no
longer diffusion controlled and this effect is also observed
with oxygen and nitrogen acids if intramolecular; hydrogen
22bonding is important. Murdoch , claims that these
observations suggest that encounter complex formation is not
necessarily simple diffusion together of the reactants, and
that a barrier in addition to that required for diffusion
exists. This includes contributions toward the breaking of
internal hydrogen-bonds, and/or the replacing of solvent
around the base with a substrate molecule that forms a weak
hydrogen bond.
22Murdoch shows that the effects of the encounter steps
on the experimental value of 3 can often be significant even
when the rate-determining step is proton transfer. :He argues
that the concept embodied by equation 1- (iii), which was
proposed by Leffler, can be regarded as an extension of
25Hammond's postulate , and that the validity of equation 
1- (iii) depends on two basic assumptions:
(i) 3 is a single valued continuous function of AG;
(ii) the net response of the transition state to simul­
taneous free energy changes in both reactants and 
products is simply the sum of the individual changes. 
Using these two assumptions it is shown that the relationship 
between 3 and AG is linear.
A is defined as "the fraction of the distance that a 
participating atom has moved in the transition state from 
its initial position in the reactants towards the final 
position which it occupies in the products". Assuming
conditions (i) and (ii) apply to A, it is shown that A is a 
linear function of AG and that it must be equivalent to 3; 
they are given by the equation,
e = AG/ (21 AG | ) + % = X ...l-(ix)ILLct^. : *
where AG is the difference in free energy between reactants and 
products, and AGmax is the free energy difference between 
reactants and products when AG , the activation energy of 
the process, is zero.
Substituting equation l-*-(ix) into equation 1-(iii) and re­
arranging, we have,
dAG = (AG/ 2|AGmax| + \ ) .  dAG
. which when integrated between, AG = 0 and AG = AG , gives,J max
AGo = ...1-(X)
where AG is the activation barrier when AG = 0. o
This result suggests that the pK range over which the 
Brjzfristed slope changes from 0 to 1 will be proportional to 
the barrier height when AG = 0. When AG is small, the 
pK range for the transition will be short, and when a large 
barrier is present, 3 will pass from its minimum to its 
maximum over a wide pK .range*. It would appear that curvature
P-
in a Br^nsted relation will ^€pend more on the type of
v
reaction rather than the range of reactivity investigated.
3 is defined by the equation
3 = AG/SAG* + h ...l-(xi)
Calculated values for 3 are compared with experimental values
of 3/ 3 / i n  table 1.1. The calculated values of 3 exp
are obtained from d log k^/d log (k^/k^) , and those for 
3eXp obtained from d log kfor/d log(kfor/krev)•
Table 1. I Calculated values for the Br^nsted
exponent at various barrier heights*
f f exp
p l k  • cal 5 k=al 10 k - cal
0.1 0.003 0.000 0.000
0.2 •: 0 .0.07 0.001 0.003
0.3 0 .0 6 3 0 .0 0 6 0.090
0.4- . 0 .2 0 6 : 0c 076 0.391 "
0.5 0.300 0 .5 0 0 0.500
0.6 0.794. 0 .9 2 7 0.608
0.7 0.937 0 .9 9 3 0.909
0.8 0.983 0 .9 9 9 0.997
0.9 0.995 1. 000 1.000
Thus, according to Murdoch, the experimental value 
obtained f o r p  may or may *not give an indication as to the 
geometry of the transition state.
There are many claims in the literature that the 
magnitude of the primary hydrogen isotope effect provides 
a more detailed picture of the geometry of the transition 
state. The various attempts^0 ^  to assess the principal 
factors determining the sise of the primary hydrogen
.isotope effect differ considerably but all are formulated
'•within the framework of Eyring’s absolute reaction rate 
38theory . This theory assumes that the reactants are in 
equilibrium Yfith an "activated complex", located at the top 
of an energy barrier from which it goes to reaction. The 
transition state is considered as a separate chemical species 
differing only in that one of its vibrational modes has 
teen replaced by an internal translational motion.
f 'a
The total- energy of a molecule is composed of the 
sum of translational, vibrational, rotational and 
electronic energy terms. Isotopic substitution leads 
to very little change in the electronic energy term, and 
since the vibrational.energy term is much greater.than 
either the rotational or translational energy terms,’ changes 
in vibrational energy must contribute most to the kinetic 
hydrogen isotope effect.
We stheimer^ considered the transfer of a proton from 
a carbon-hydrogen bond in a molecule, AH, to another, B, 
in one-dimensional space. The.potential energy, V, of 
the molecule, AHB, is given by,
v  = 2 (Xjj - 3Ca ) + 2 (X B ~
+ (5 (xH + xA) (xB- xH) ...l-(xii)
v/here f^ and f^ are the force constants for the bonds 
AH and HB, respectively; p is a coupling constant to allow 
for induced vibrations between the tv/o bonds, and x. is 
the displacement of the i atom from its equilibrium 
position. An expression for the forces on each atom was 
obtained from the partial differentiation of equation 
l-(xii) with respect to each displacement. It was assumed 
that the particles A, H and B move with harmonic motion 
expressed by,
x = C.Sin 2.7Tvt + D.Cos 2ir f t .*.l-(xiii)
where V is the frequency of vibration, t is the time and 
C and D are constants.
The second differential of equation l-(xiii), with 
respect to time, gives the accelerations experienced by
each particle and hence also the forces. Equating the 
two expressions for the forces gave three simultaneous 
equations, the solution of which is,
M M M X^ — f" M M f + M M (f + f  ^ +V H B L A H 2 A By 1 2 }
■ MJLf., - 2 M M J  + [Ma + M__ + M ] x , H B 1 A B rj L A H B
f^lf2 ~ ~ 0 ...l-(xiv)
where M denotes the masses of the particular species and
2 2 X = 4tt <
The trivial solution is X = 0, corresponding to the 
translation of the molecule in one-dimensional space along 
the x~axis. If AHB represents an activated complex, 
one vibration must become a translation, requiring a second 
value for A.
Equation l-(xiv)may be written as,
\  [ a \ 2 - -b\ + c (fjfg - P2)] = 0 ' ...l-(xv)
If the value of (3 is small, ( f - p ) is positive and 
both frequencies calculated from equation l-(ix). are real, 
corresponding to AHB being a molecule. When (^2.^2 ~ P ) 
vanishes one of the values of 1 in equation l-(xv) becomes
zero and hence one of the frequencies becomes a translation
‘ f 1 2
2If p is large (f - p ) becomes negative and one of the
roots of X will give an imaginary frequency X1 representing 
translational motion. This imaginary frequency will give 
rise to a negative force constant demanding a potential 
energy function that is concave downward.
2
When ^-^2 = P 9 we ^ave *
\  = k.1T2 ^  = f 1 + f2 + f x + f 2 - 2 .e.l-(xvi)
M . M 
A  B
M
H
When f^ = fg = f , 
\ = 4tt2 >> ^  2 = f 1 + 1  
m h  ‘ m b
...l-(xvii)
The mass of the hydrogen atom does not appear in this 
expression and the zero-point energy of the transition 
state will not he affected hy isotopic mass.
if f,» f9 ,
1 + 1  
M .  M ,
..l-(xviii)
A  I I
These last three equations show that only when f^ = f 
does the zero-point energy of the transition state Become 
independent of isotopic mass, which would lead to a 
maximum value for the isotope effect.
Obviously this theory of a linear one-dimensional 
transition state is highly simplified, and with such extreme 
approximations it can only apply to isotopes of hydrogen.
In any reaction of the type illustrated, the transition 
state contains a bending vibration whose frequency is 
sensitive to the mass of the hydrogen atom. This can be 
represented by,
A
I
t
H
and is doubly degenerate.
However, using a model calculation Willi and Wolfsberg
2showed that, assuming f - f  ^ f = 0 , corresponding to 
'\)~r being set equal to zero, the results agreed well with
31
We stheimer^ prediction, but if V  is taken to be imaginary
the maximum in the isotope effect for the symmetrical
30transition state may he very "broad. Bell has also
to this latter effect and has remarked
that the variability of proton transfer isotope effects
must reflect other vibrational frequencies and forces in
the molecules than those associated with the AH and BH
stretches. The possible importance of stretching
32frequencies has also bee.n pointed out by Bader and
?r
Saunders , while model calculations carried out by
39 A oMore O'Ferrall (see Table 1.2) and Saunders for a three
centre system, including bending vibrations and a proton
tunnelling correction, reinforce the results based on
consideration of stretching vibrations alone, and suggest
that both zero-point energy and tunnelling contributions
are w&& at a maximum for a symmetrical transition state.
It appears that the incorporation of bending
frequencies and a tunnelling correction does not alter
the fundamental conclusion based on the three centre model.
However, specific calculations for proton transfer reactions
which proceed through 3“> 3-j and 6-membered cyclic
transition states, show that although the primary hydrogen
isotope effect depends smoothly on transition state
A1geometry, consistently low values are obtained . The low 
isotope effects are ascribed to the presence of a large 
isotopically sensitive vibration in the transition state.
Table 1.2. • * Calculated Isotope Effects for Proton Transfer
o 39from Carbon to various Bases at 25 C . ____
kl/kD
Bond Order> + —
(x) MeO MeS ~Me0 MeS
1.000 1.0 1.0 1.0 1.0
0.875 3*3 2.8 3.5 2.8
0.750 5.2 3.8 5.6 3.8
0.625 7.1 5.4 7.3 5.4
0.500 7.2 7.1 6.8 7.0
0.375 5.6 8.0 4.8 7.8
0.250 4.1 7.5 3.4 7.0
0.125 3.3 6.6 2.5 5.9
0. 000 1.1 - 2.7 0.84 2.3
+Re suits for a five centre tran sition state
KRe suits for a three centre transition state
37Bell has pointed out that in all the treatments 
considered, the partial bond-order, (x), in the transition 
state is a disposable parameter, and cannot be related to 
any observable quantity, and in particular, he has doubted 
whether the large range of velocities accessible in practice 
really correspond to the rather large variations in bond- 
order required to account for the observed variations in 
isotope effect. In an attempt to provide a model capable 
of yielding observable properties other than isotope
37effects, Bell proposed an electrostatic model, which is
32
essentially a modified Bader treatment . It consisted of 
a proton or deuteron moving in a field of two rigid 
spherical electron distributions, each surrounding a nucleus.
The process simulated was that of a proton "being transferred
from a given carbon acid to a series of "basic oxygen anions.
Due, probably, to the neglect of Pauli repulsion, a purely
electrostatic treatment could not correctly represent the
repulsion between the electron clouds and it was found
necessary to introduce a repulsion term of the form 
-12A.r , where A was adjusted to give overall stability xy
for a selected value of r . the distance between thexy V
carbon and oxygen atoms. Table 1.3 shows some of the results.
Table 1.3 • Calculated transition state properties and 
isotope effects at 298°K for the reaction,
X~. H ..... Y5"
R = 3-637 i at 8 = 0.78 xy
6 AE/kc: a1/mo1e -1V cm (kHA D)S (k /k ) v -g/
0.8 6 - 2 7 .6 1230 1.37 1.84
0 • 84 - 20.7 1238 1.38 3.82
0.82 - 14.2 1263. 1.39 3.88
0.80 - 7.5 1270 1.40 7.91
0.78 - 0.95 1273 1.41 9.81
0.77 + 2.3 1273 1.41 9.49
0.76 + 3*6 1274 1.42 8 .7 8
0.74 + 12.1 1274 1.43 6 .9 8
O. 7 0 + 23.1 ’ 1268 1.43 2.78
l) is the imaginary frequency, the values of which are close
if.2
to those derived by Caldin ; (k^/k^)S is the isotope
effect without considering tunnelling, and (k^ /k.^ ) is the 
isotope effect with a tunnel correction. 8 is the partial 
negative charge on the base..
Bell concludes that, only when tunnelling is considered
can experimental findings on variable hydrogen isotope 
effects be explained and he suggests that the success of 
the charge cloud model in reproducing observed behaviour 
encourages the belief that it provides a valid picture for 
actual proton transfer processes,
43-48The results of experimental investigations in
which A  pK was varied by a change in either substrate or 
catalyst,, lend support to the prediction that the isotope 
effect should pass through a maximum at A pK — 0. The 
scatter of individual points from the curve of isotope 
effect versus ZlpK is, however, greater than the experi­
mental error, and it would seem that structural alterations 
close to the reaction site introduce changes in parameters 
other than those used for ^-^reeLictin'^^ the isotope effect.
These structural alterations may alter steric factors,
49,50tunnelling and prerate equilibria 7 , all of which may
be present and are thought to provide contributions to 
the isotope effect.
51The suggestion that dipolar aprotic solvents may 
be used to alter transition state symmetry, by virtue of 
their ability to alter the basicity of a solution, has
provided a system in which both base and substrate need
52not be changed. The first results from such a system, 
employing a (3-elimination reaction, showed that the isotope 
effect varied regularly, although very slightly, through 
a maximum as the concentration of aprotic solvent was 
increased. .However, since the departure of the leaving
group, in the transition state of an elimination reaction,
53
also depends on solvent composition , a correlation of
isotope effect with transition state symmetry was not
possible. More conclusive information has been obtained
/ \ 5kfrom the racemisation of (—)-Menthone and
55w  -olid- -Phenylmethylacetophenone . Both these studies, 
carried out in dimethyl sulphoxide-water solutions, show 
a clearly defined maximum in the isotope effect when-the 
concentration of dimethyl sulphoxide is increased. The 
Br/nsted exponent values are approximately 0.5* which 
would be expected for a symmetrical transition state.
The object of the present work is to find the variation 
in the kinetic hydrogen isotope effect for the racemisation 
of (d)-Phenylmethylacetophenone when the reaction takes 
place in the system, aleohol-dimethyl sulphoxide-alkoxide.
1.2 Experimental
It is now well established^ that the rate-determining
step in the reaction of ketones with bases, is the transfer
of a proton. If the proton is removed from the asymmetric
carbon atom of an optically active ketone, the rate of
ionisation can be conveniently followed by measuring the
5 6change of optical rotation with time^ .
The rate-expression for a rate-determing proton loss, 
between a ketone and a base, takes the form,
.Rate = - d[RH] = k^ [RH][B] = kH[RH] ...l-(xx)
dt
Hwhere k is the pseudo first-order rate coefficient for 
racemisation, since the concentration of base remains constant.
Equation l-(xx) integrates to,
In [RH], = Tn [RH] - kH.t ...l-(xxi)"C U
where [RH]q is the initial concentration of ketone, and 
[RH]^ _ is the concentration after time t.
The concentration of ketone after time t is related to 
the optical rotation of the solution by the equation,
[RH]^ = oC [ OR^ - OR^ ] ...l-(xxii)
where is the proportionality constant, OR^ is the optical 
rotation at time t, and OR^ is the optical rotation after 
infinite time. A plot of log (OR^ - ORoo ) versus time should 
give a straight line, the slope of which will yield the 
rate coefficient k .^
The theory of the detritiation reaction has already 
been given, (see General Introduction), and the rate of 
ionisation was determined from the slope of a plot of log 
(counts-per-minute) versus time.
(&)-o^,oC-Phenylmethylacetophenone was prepared fay 
a method essentially the same as that given fay McKenzie
A current of dry hydrogen chloride was passed into a 
suspension of d-alanine (20 gm.) in ethyl alcohol (400 mis.), 
for one hour, and the mixture, after boiling for one hour 
•longer, was evaporated to dryness under reduced pressure.
The resulting ester was recrystallised from ethyl acetate 
and dried over soda-lime in a vacuum desiccator.
The alanine ester hydrochloride (20 gm.) was added 
gradually to the G-rignard reagent prepared from faromo- 
faenzene (245 Sm*)? an& the mixture --refiuxed for 24 hours.
The product was decomposed fay the addition of ice and 
ammonium hydroxide, and the mixture was then extracted with 
ether; the ethereal solution was dried with anhydrous 
sodium sulphate. The ether was evaporated and the resulting 
oil was recrystallised from light petrolet'/ni ether; the 
crystals obtained, which consisted of the pure amino-alcohol, 
were filtered off. The petroleum was evaporated from the 
filtrates, the diphenyl removed fay steam distillation, and 
the residual oil was extracted with ether. The ether was 
evaporated and the oil remaining was recrystallised from 
aqueous-ethanol. The crystals which separated were 
filtered off and the two yields of product were combined and 
recrystallised from aqueous-e thanol. The pure (l)-(3-amino-
0(,oO- diphenyl-n-propyl-alcohol was filtered off and dried in
A solution of sodium nitrite (8 gm.) in water (40 mis.) 
was added drop "by drop, in the course of 45 minutes, to 
5 gms. of the amino-alcohol dissolved in 25% acetic acid 
250 mis.); the temperature was kept at 0°C throughout the 
addition. The whole solution was placed in a refrigerator, 
at 0°C, for 12 hours and the final product crystallized 
in long fine needles. The (d)-o^-Phenylmethylacetophenone 
was recrystallised from aqueous-ethanol and finally sub­
limed in vacuo. Yield 1.5 gms. melting point 34~35°C; 
lit.5734-35°C.
58The tritiated ketone was prepared by reacting for
24 hours at room temperature, 1 gm. of the compound, 0.05
mis. of tritiated water (specific activity 200mCi/ml.),
1 pellet of sodium hydroxide, and sufficient A.R. dioxan
to make the mixture homogenous. The tritiated, and
racemised, ketone was obtained by filtration of the solid
precipitated on adding water to the dioxan solution. The
melting point of the recrystallised product was 48.5°C;
59 olit. 50-51 C« The nuclear magnetic resonance,-infra-red 
and ultra-violet spectra of the tritiated compound were 
identical to those for the optically active ketone.
Absolute ethanol was dried using the method of Lund 
 ^0
and Bjerrum . Magnesium turnings (5 gm.) and iodine (0.5 
gm.) were placed in a two litre-flask, followed by 50 mis. 
of ethanol. The mixture was warmed until the iodine 
disappeared and the evolution of hydrogen began, and heating 
was continued until all the magnesium had been converted into 
its ethylate. Ethanol (900 mis.) was then added to the 
solution and the mixture was refluxed for 30 minutes. The
ethanol was distilled off and stored over 4A molecular 
sieves, in a securely stoppered bottle which was in turn 
kept in a desiccator.
A solution of sodium ethoxide was prepared by adding 
A.R. sodium metal, which had been washed three times in 
separate batches of dry ethanol, to a fourth batch of the 
alcohol. The whole operation was carried out under dry 
nitrogen, and the concentration of the stock solution was 
determined by titration of a known volume, which had been 
diluted with a considerable excess of water, with a 
standard potassium hydrogen phthalate solution.
Reagent-grade dimethyl sulphoxide was dried by letting 
it stand over freshly prepared calcium oxide for 24 hours, 
and it was then purified by fractional distillation under 
reduced pressure in the presence of nitrogen. It was 
stored over 4A molecular sieves in a dark tightly stoppered 
bottle, and gas-liquid-chromatographic analysis shov/ed it to 
contain less than 0.1 weight % water.
The HAmedia, comprising ethanol, dimethyl sulphoxide 
and sodium ethoxide, were made up by weight, the sodium 
ethoxide being added to give solutions 0.01 M. in ethoxide. 
Before use, the H_solution was degassed by freezing it in 
liquid nitrogen and allowing to thaw in vacuo. Dry 
nitrogen was then introduced into the flask.
Procedure
The racemisation reactions were monitored, in a water- 
jacketed sample cell, at 25 +, 0.1°C, by a Bendix 
Automatic Polarimeter, the output of which was attached to 
a variable-speed pen-recorder. The Bendix polarimeter em­
ploys the Paraday electro-optic effect to measure the 
rotation of the plane of polarisation of light passing 
through the solution in the sample cell. The light source 
comprised a tungsten filament lamp, the light from which 
passed through an interference filter to give a monochromati 
output of 546 _+ 8 n.m. The high sensitivity of the 
technique allowed the use of a path length of one centimetre 
in the sample cell, the total capacity of which was about 
2 mis. .
In a typical run, approximately 2.5 mis. of the 
H_solution, equilibrated at 25.0 + 0.1°C, was mixed rapidly 
with a small amount of the optically active ketone, and 
the solution was introduced into the sample cell. The 
reaction was monitored immediately, and continued until 
an infinity value was reached. No significant departure 
from first-order kinetics was observed, and rate coefficient 
were reproducible to within +_
The detritiation reactions were carried out using the
same EL solution as was used for the racemisation studies.
6lThe technique adopted is essentially that of Jones •
In a typical run about 10 mis. of the H^media were equili­
brated, at 25*0 + 0.1°C, in a water bath. A trace of the 
tritium-labelled ketone was introduced, and the mixture 
thoroughly mixed by shaking the reaction flask. 1 ml.
aliquots were then withdrawn, at appropriate time intervals 
and injected into a separating tube containing 10 mis. of 
scintillator solution, (2,5~Liphenyloxazole in sulphur-free 
Toluene), over 10 mis. of water. The organic substance 
77as retained in the toluene layer y/hich was pipetted off 
and dried by shaking with anhydrous sodium sulphate.
5 mis. of the dried solution were then introduced into 
counting vials of low content, and the tritium content
determined using a Beckman L.S-100 Liquid Scintillation 
Counter.
Reactions were usually followed to at least 80% and 
always to 60% completion. No departures from first order 
kinetics Y/ere observed, and rate coefficients were, 
reproducible to within + 2% and frequently to Y/ithin + 1%.
1.3 Re suits ~ .
The average rate coefficients for the racemisation and 
detritiation studies are given in Table 1.4* The H__values 
quoted are those determined by Bowden and Stewart^ for
0.01 M. sodium ethoxide in dimethyl sulphoxide-ethanol 
mixtures.
The uncertainty in the experimental isotope effect 
never exceeded 1.0 unit, and Rig. 1.1 shows the variation of 
isotope effect with the H-value of the solution.
Table 1.4*
Rates of Racemisation and Detritiation of (d ) - P h e n y l - 
methylacetophenone in Ethanolic-Ethoxide solutions containing 
Dimethyl Sulphoxide.
H Mole fo DMSO k*L:- 102x kT kH/kT Number of
,??* '-I Determin-(litre mole
“1\ (litre mole sec ) \
sec )
-/
ations
1 4 .6 2 1 3 .6 1 0.143 0.739 19.3 3
1 4 .7 8 . 17.14 0.188' 0.958 1 9 . 6 3
1 4 .9 1 19.97 0.204 . 1.083 18.8 3
1 4 . 9 4 20.03 0 .2 2 6 1.147 19.7 3
15.04'- 22.29 0.259 1.293 20.0 3
1 5 .1 1 23.53 0.279 1.456 1 9 . 0 3
15.18 24.37 0.294 1.467 20.1 3
15.36 2 9 .2 2 0.396 2.046 19.3 3
1 5 . 6 4 34.25 0.557 2.744 20.3 3
15.92 38.00 0.677 3.562 1 9 . 0 3
1 6 .1 6 4 0 .6 5 0.849 4 .4 6 6 19.0 3
1 6 .3 8 4 2 . 8 0 0.971 5.378 18.1 4
16.53 44* 20 1.141 6.235 18.3 3
16.74 4 6 .4 8 1.308 7.272 18.0 3
1 6 .8 8 4 8 .1 6 1.336 8.240 1 6 . 2 3
1 7 .0 1 49-83 1.753 9.780 17.9 3
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The racemisation was carried out in an H_ solution 
containing 20.03 mole % Dimethyl sulphoxide. The H_value 
was 14.94* and the ethoxide concentration was 0*0100 M*
Time (mins) (0Rt - OR^) logio  ^0Rt “ 0R°° ^
0 90 *3 1.937
1.6 7 2 .7 1 .8 6 1
3*2 38*3 1.767
4*8 47.2 I . 6 7 4
6 . 4  37.7 1.376
8.0 30.7 1.487
9.6 24.3 1.389
11.2 19.7 1.294 '
12.8 13.7 1 .1 9 6
14.4 12.8 1.107
1 6 . 0 10.3 1.013
17.g 8.2 0.914
The plot of log , (OR, - OR^ ) versus time is shown in
10
figure 1.2, and has a slope of -0.05909 min
Therefore, kR = 2.303. 0.05909 = 0.226 litre mole ^sec ^
OEt” 60. 0.0100
x  v  j u f c.
Racemisation of (d)-o^oCHPhenyl- 
me thylace tophenone
Pio
*p
pio
1.6
1.4
1.3
1.2
1.1
1.0
5 Time (mins.) 100
T1.3("b)* A typical Calculation of k
 ___________  QEt ~
The detritiation was carried out in a solution of 
H- -value 14.94? and the ethoxide concentration was 0.0100 M.
lOglQ ■; (Counts 
per minute) + 3
2.780 
2.696 
2 .6 1 2  
2.517 
2.426 
2.332 
2.255 
2 . 1 7 0  
2.074
The plot of log (counts per minute) versus time is 
given in figure 1.3? and has a slope of -0 .0 0 2 9 2 9 min
Hence kT . - = 2.303 x 0.002929 = 0.0112 litre mole^sec"1 
0Et~ T o .  0.0100
Time (mins)
0.58 
32.53 
60.45 
91.78 
122.40 
152.87 
181.45 
210.55 
241.9 0
Counts per minute 
-3x 10
603‘.2 
497*1 
408.8 
329.1
266.7
214.8
179.7 
148.0
118.7
lo
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Figure 1.3
Detritiation of (d) -p^P^-Phenyl- 
methylacetophenone
2.2 -
100
1.4*. •Discussion -
Figure 1.1 shows the variation of the primary 
hydrogen isotope effect, k^/k^,' as a function of the 
basicity of the solution as expressed by the acidity 
function H_. Although the changes in isotope effect 
are not considerable, (maximum value = 20.3? minimum 
value = 1 6.2), it is clear that, despite a certain amount 
of scatter amongst the various points, the isotope effect 
passes through a maximum at an H_ value of about 1
R  R
Earlier work , using the same compound but an H_ 
system comprising of water-dimethyl sulphoxide-tetra- 
methylammonium hydroxide, also showed the primary hydrogen 
isotope effect to pass through a maximum; in this.case 
at an H value of 16.5« The values of k^/k-'(Table 1.3)
-  ■ ii 1
in this medium seem to be marginally lower than in the
corresponding ethanol-ethoxide-dimethyl sulphoxide
solutions, but no great significance can be placed in such
a small difference in view of the experimental uncertaintie
in the individual ’k rr/ 'k rn values.
ii T
Table 1.3* Primary kinetic hydrogen isotope effects for
the ionisation of o^oc-Phenylmethylacetophenone
55
catalysed by the hydroxide ion .____ •
H_ k H/ k T
13.23 17.3 3.2
14.37 17.7 2 . 2
14.88 17.9 1 . 8
13.31 17.9 1.4
13.67 18.7 1.1
1 6 .0 6 1 8 . 8 0 . 7
1 6 . 3 0 1 8 .9 0.4
1 6 .7 2 18.0 0.2
1 6 .9 6 1 7 . 5 ‘ -0 .1
17.24 17.2 -0.3
1 7 .3 8 1 6 .9 -0.4
17.49 1 5 . 6 -0.3
17.84 13.2 -0.8
18.12 1 3 . 4 -1.0
Kbased upon the assumed pK value of 20 for the ketone in 
water.
Theory predicts that the primary isotope effect should 
be a maximum when the transition state is symmetrical, and 
this is likely to be the case when the proton donor and 
acceptor are of equal acid strength, viz. when 
P^(BH) = This situation would also correspond to a
zero free energy change of reaction. The pK of 
(d) -C>6o{-phenylmethylacetophenone is not known with any 
certainty, and we have previously ascribed to it a value 
of 20 in aqueous conditions on the basis that the rate of
ionisation in purely aqueous media is very similar to 
that of acetone and (-) menthone; these two compounds 
having pK’s of about 20. The change in solvent from 
water to ethanol rarely makes much difference to the 
pK values of ketones such as the one we have used, and 
• it is unlikely that the error involved will be more than 
+_ 1.0 pK unit, if we assume the pK value of this compound 
to be unchanged on going from water to ethanol.
If (d)-Of,<?(-Phenylmethylacetophenone responds to 
changes in basicity in a manner similar to the carbon 
■ acids used to establish the ethanol—ethoxide—dimethyl
sulphoxide H_ scale, it can be shown that,
Z\pK = pKRH - pKEtQH = pK°H - H_ -■log10([EtOH]/[EtO~]) ...1
vzhere pK° refers to the pK of the ketone in ethanol. The
i\.li
isotope effect maximum, therefore, occurs at aApK of 1.6 
which is reasonably close to what is predicted by theory.
63It -has been suggested that the slope of the log 
(rate of ionisation) versus relationship for a proton 
transfer reaction, can be interpreted in terms of a Br^nsted 
exponent, which is frequently taken as a measure of the 
position of the proton in the transition state. Several 
studies have now been reported and the picture that emerges 
(Table 1.6) is one which clearly shows that as the strength 
of the acid decreases, the slope of the log k versus H plot 
increases, although nitroethane is an exception once again.
(xxiii
Table’ 1.6. Slopes of log k - H_ plots for different
compounds in solutions of water—hydroxide — 
dimethyl sulphoxide.____  ■____  ■
Acid pK Slope (log k vs. H plot) Ref.
h2 10 0 .2 3-0 .3 6 64
Acetophenone 20 0.47 65
1,4“Dicyano-2—butene 20 0.7 66
Chloroform 23-25 1.0 66
(-) Menthone 20 0.48 54
(d) -c(,oL-Phenylme thyl-'
acetophenone 20 0.49 55
9-tert-Butylfluorene 23*4 0.70 This work
Nitroethane 8.6 0 .7 2 47
Dimethyl Sulphoxide 32 0.93 67
In the case of isotopic hydrogen exchange and the detritiation 
of acetophenone, the plots show distinct signs of curvature.
It seems unrealistic to expect all different types of carbon 
acids to resemble closely the indicators used to set up the 
H_ scale, and this may well be the reason for the observed 
curvature in the present work (Fig. 1.4). In this respect 
the racemisation and detritiation results are very similar, 
the slopes varying from 0.6 at an H_ value of 14*5 to 0.3 at 
an H_ value of 17.0 in each case. At an H_ value of 15*6, 
Y/here the isotope effect is a maximum, the slope is 0.40, 
not far from the value of 0.5 which theory leads us to expect.
There are several other possible reasons why the log k-H__ 
plots are curved. Firstly, the H scale in ethanol-ethoxide- 
dimethyl sulphoxide is not as firmly anchored as is the 
corresponding scale in water-hydroxide-dimethyl sulphoxide. 
Secondly, because of the lower dielectric constant of ethanol
X' JLgU.J.0 X  • q.
Plot of log (ionisation rate) against II
l -p
l+r
OEt
OEt
1613 17H
as compared to water, ion-association effects are 
considerably more likely. Thirdly, the difference in 
behaviour between indicator acids and ketones, such as the 
one studied here, will be at their highest when the mole % 
dimethyl sulphoxide is low. These are the conditions which 
prevail in this investigation.
It can be stated, in conclusion, that the results for 
(d) -C^c^-Phenylmethylacetophenone in ethanol-ethoxide- 
dimethyl sulphoxide mixtures tend to confirm the findings 
previously obtained in aqueous hydroxide solutions 
containing dimethyl sulphoxide. However, they are subject 
to greater reservation as the acidity function for this 
solvent system has not been rigorously studied. Pinally, 
despite the insertion of bulky phenyl and methyl groups in 
the basic acetophenone molecule, as well as the use of a 
bigger basic anion, (OEt instead of OH ), there is no 
evidence for anomalously large isotope effects.
1.5* Reference s ‘
1. M. Eigen, Angew. Chem. (intl.Edn.), 2» (1 9 6 4)*
2. M. Eigen, Pure and Appl. Chem., 97* (19&3)•
3* M. Eigen, Discuss. Earaday Soc., 39 * 7* (19^5)
4. M* Eigen., "East Reactions and Primary Processes in
Chemical Kinetics", Nobel Symposium 5? (19&7)* p.243*
5* Me Eigen, W. Kruse, G-. Maass and L. De Maeyer, Progr.
React. Kinet., 2_, 287, (19^4)*
6. R.P« Bell, "The Proton in Chemistry", Methuen, (1939)*
7. M. Eigen and L. De Maeyer, Proc. Roy. Soc., A 247, 303* 0-938).
8. . D.M. G-oodall and E.A* Long, J.Amer. Chem. Soc.,. 238
and 6809* (1 9 6 8).
9. W.J. Alhery, Progr. React. Kinet., 4? 333* (19^7)-
10. JeNe Brjz^ nsted and K.J. Pedersen, Z.Phys. Chem., 108, 183* 0-92*
11. J.E. Leffler and E. G-runwald, "Rates and Equilibria of
Organic Reactions", Wiley, New York, (1 9 6 3)*
12. J.E. Leffler, Science, 117, 340, (1933)*
13* R.A*. Marcus, J.Chem. Phys. 24* 9^6, (193^)•
14* R.A. Marcus, Discuss. Earaday Soc., 29., 21, (i9 6 0),
13* R.A. Marcus, J.Phys. Chem., 72, 891* (19^8).
16. R.A. Marcus, J. Amer. Chem. Soc., 91» 7224* (19^9)•
17* R.A. Marcus, J.Chem. Phys., 43, 6 7 9, (1 9 6 3).
18. M.M. Kreevoy and D.E. Konasewich, "Chemical Dynamics",
Wiley, New York, (1971), p.243*
19* V.G-. Levich, R.R. Dogonadze, E.D. G-erman, A.M. Kuzhatsov,
and Yn, I. Kharkats, Electrochim. Acta., !§., 353* (1970).
20. V.G-. Levich, R.R. Dogonadze and A.M. Kuznetsov, Electrochim.
Acta., 12, 1025* (1968).
21. M. Eigen, Angew. Chem., 75, 489* (19&3)*
22.
23*
24.
.23*
2 6.
27.
28.
29.
30.' 
■31.
32.
33.
34.
35.
36.
37.
38.
39.
40.
41.
42.
43.
J.R. Murdoch, J.Amer. Chem. Soc., 9 4* 4410, (1972).
A Streitwieser jr., W.C. Langworthy and D.E. Van Sickle, 
J.Amer. Chem. Soc., 84, 231* (1962).
J.E. Hofmann, A. Schriesheim and R.E. Nickols,
Tetrahedron letts., 2j2, 1743? (1963).
G-.S. Hammond, J.Amer. Chem. Soc., JJ_} 334? (1935).
P.H. Westheimer, Chem. Revs., 6^ L, 265* (1961).
J. Bfigeleisen, Pure Appl. Chem., 8_, 217* (1 9 6 4).
L. Melander, "Isotope Effects on Reaction Rates",
Ronald Press, New York, (i9 6 0).
R.P. Bell, Trans. Earaday Soc., §2, 961, (1 9 6 1).
R.P. Bell, Discuss. Earaday Soc., 29.5 16, (1 9 6 3) .
A.V. Willi and M. Wolfsberg, Chem. and Ind., 2097* (1 9 6 4). 
R.E. Bader, Canad. J.Chem., 42* 1822, (1 9 6 4).
H.S. Johnston, Advan. Chem. Phys., 2.5 131* (i9 6 0) .
S.I. Miller, J.Phys. Chem., 66, 978, (1 9 6 2).
W.H. Saunders, Chem. and Ind., 6 6 3* (1 9 6 6).
E.R, Thornton, J.Org. Chem., 22., 1943* (1962).
R.P. Bell, W.H. Sachs and R.L. Tranter, Trans. Earaday 
Soc., 62, 1995, (1971).
S. G-lasstone, K.J. Laidler and H. Eyring, "The Theory of 
Rate Processes", McG-raw Hill, New York, (1941).
R.A. More O’Eerrall and J. Kouba, J.Chem. Soc., (B),
985, (1967).
A.M. Katz and W.H. Saunders Jr., J.Amer. Chem. Soc., 91. 
4469* (1969).
R.A. More O’Eerrall, J.Chem. Soc., (B), 785? (1970).
E.F. Caldin, Chem. Revs., £9-, 135* (1969).
R.P. Bell and J.E. Crooks, Proc. Roy. Soc., A286, 285? 
(1965).
44 • R.P. Bell and D.M. G-oodall, Pro cl, Roy. Soc.5 A294?
273, (1 9 6 6).
49* J.E. Dixon and T.C. Bruice, J.Amer. Chem. Soc., 92, 905?
(1 9 7 0).
4 0. F.G-. Bordwell and f.J. . Boyle Jr., J.Amer. Clie'm. Soc.,
23? 512, (1971).
47. R.P. Bell and B.'fr. C o x , J. Chem. Soc., (b), 783? (1971).
48. D.J. Barnes and R.P. Bell, Proc. Roy. Soc., A318, 421, (1970).
49* D.J. Cram, D.A. Scott and W.D. Nielsen, J.Amer. Chem. Soc.,
83, 3696, (1961), .
50. W.T. Ford, Ed, G-raham and D.J. Cram, J.Amer.Chem. Soc.,
82., 4 6 6 1, (1 9 6 7).
51. J.R. Jones, Chem. Commun., 710, (1 9 6 7)•
52. A.F. Cockerill, J.Chem. Soc., (B), 9 6 4? (19^7)•
33. A.P. Cockerill and W.H. Saunders Jr., J.Amer. Chem. Soc.,
89? 4985? (1967).
54. R.P. Bell and B.G-. Cox, J.Chem. Soc., (B), 194, (-1970).
55* D.W. Earls, J.R. Jones and T.G-. Rumney, J.Chem. Soc.,
Paraday Transactions 1, 68, 929? (1972).- 
3 6. J.B. Conant and G-.H. Carlson, J.Amer. Chem. Soc., 34,
4048, (1932).
37* A. McKenzie, R. Roger and G-.0. Wills, J.Chem. Soc., 779? (1926
38. J.R. Jones, Intl. J. Appl. Radiation Isotopes, 2Z.5 666? (1966)
39. A. McKenzie and G-.'(K Wills, J.Chem. Soc., 127, 287? (1925).
60. H. Lund and J. Bjerrum, Ber., B64, 210, (1925).
61. J.R. Jones, Trans. Paraday Soc., £l, 2456, (1 9 6 5). .
62. K. Bowden and R. Stewart, Tetrahedron, 21.? 26l, (1 9 6 5) .
6 3. J.R. Jones, Progr. Phys. Org. Chem., 2? 241? (197^)•
6 4. E.A. Symons and E. Buncel, J.Amer. Chem. Soc., £4? 3641,(1972)
65. J.R. Jones and R. Stewart, J.Chem. Soc., (B), 1173-? (1967)*
66. Z. Margolin and R.A. Long, J.Amer. Chem. Soc., 94. 5108 ,
(1972).
67. A. Alhagli, J.R. Jones and R. Stewart, J.Chem. Soc., 1509*
(1970).
. CHAPTER 2
EQUILIBRIUM, STUD IE S' OR SOME WEAK CARBON AND NITROG-EE AC ID S
2.1 Introduction
The acidity of a compound may be defined in terms of 
the equilibrium,
AH A“ + H+ ' •..2~(i)
In principle the enthalpy change of this ionisation is a
measure of the acidity, and could be determined from the
1 2thermodynamic cycle, 2-*(ii) 3 .
rhJLr* + H* ; R° '+ e R~ ; H* H+ + e . . .2-(ii) ,
where D is the bond-dissociation energy of RH; A is the 
electron affinity of the radical R and I is the ionisation 
potential of hydrogen.
The enthalpy of ionisation is then, Ho = D + A + I.
However, the data required for the electron affinity of 
radicals are very difficult to measure and, therefore, most 
ionisation constants are determined in solution. In order 
that complications slia.ll not arise from ion-association, water 
is often’chosen as the most convenient solvent, and it is 
customary practice to try to refer the pK values of compounds 
to water as the standard state.
Although there is a paucity of accurate data on the
acidities of weak acids, numerous methods have been devised
for determining such constants. One of the simplest
methods is the potentiometrie titration of an acid with a
base, monitored by a glass electrode. The electrode has been
known to function reversibly in dimethyl sulphoxide, and
3
has enabled acids with a pK of up to 12 to be measured .
This technique has since been extended, and the electrode, 
with only slight modifications, has been shown to function
reversibly up to a pH of about 28^ ". The reversibility 
was demonstrated by titrating a number of acids with a 
solution of dimsyl caesium, when the results obtained 
were shown to obey the Nernst equation. Potentiometrie 
titration of various acids with dimsyl caesium in 
dimethyl sulphoxide under an argon atmosphere has allowed 
the pK's of a wide range of acids to be determined ? ’
The chief disadvantage of the method is the fact that all 
the pK’s are referred to dimethyl sulphoxide as the 
standard state.
In theory, the conductivity of a solution can be used 
to calculate the degree of dissociation of an electrolyte, 
and hence the equilibrium constant, but, in practice, it is 
found that an uncertain extrapolation is required for A  o 
for acids with pK’s greater than 5« However, changes in 
the conductivity of a solution have been used to determine 
acid dissociation constants in the pK range 10-15. If an 
excess of a weak acid is added to a solution of alkali, 
there will be a change in conductivity according to the 
extent of the equilibrium 2-(iii) and the ratio of the two 
electrolytes’ equivalent conductivities.
RH + 0H"^ R_ + H20 • . .2-(iii)
This principle has been adopted to measure the pK of
7
trifluoroethanol , but it is limited to acids which are 
stronger than water.
A good deal of attention has been directed to the idea 
of determining the relative acidities of a series of weak 
acids of similar acid strength. The thermodynamic .pK’s 
could then be obtained if the absolute pK of one of the
acids in the series is known. It has keen realised 
for some time that reactions of the type,
■ R H + R1 + R2 H . . .2-(iv)
may he used to determine the relative acid strengths of
9weak acids. This method enabled McEwen to obtain one
Of the first thermodynamic acidity scales for some weak
acids. He determined the equilibrium constant of
reaction 2—(iv), either by colorimetry, since the carbanions
were generally coloured, or by injecting carbon dioxide
into the solution. The carbon dioxide reacted rapidly
with the carbanions and the resulting carboxylic acids
can be separated, their relative amounts being used to
measure the equilibrium constant. This assumes that the
rate of reaction of.the carbanions with carbon dioxide is
faster than the time it takes for equilibrium to be established.
A more accurate competitive reaction uses the fact that 
the reduction of symmetrical organomercuric compounds takes 
place in one stage, with the addition of two electrons, at
a dropping mercury electrode. This reduction is, in most
.... 10,11,12 cases, irreversible 5 7
R2 Hg + 2e — *~Hg + 2R ~-^U ~2m ...2-(v)
The ease with which the reduction can be accomplished will be 
a measure of the affinity of the carbanion for the mercuric 
ion, and this can be assessed using polarographic techniques.
The rate coefficient of reduction at the potential E = 0,
o 13kf , is given by ,
a log k° =o(Ei. - b . . .2-(vi)1 2
where a_ and b are constants, Ei_ is the halfwave potential
2
for the fission of the particular C - Hg bond, and oC is 
the transfer coefficient*
Assuming that for two Rg^g ‘ compounds, the diffusion 
coefficients are the same, then,
a log k° = A ( o( Ej_) . . . . 2-( vii)
2
13It has been suggested that d. Ej_ depends upon the affinity
2
14of the carbanion for the mercuric cation, and previous work 
has verified such a correlation but only for a series of 
structurally related compounds. A polarographic scale of 
acidities has thus been established with the assumption 
that the affinity of carbanions for the mercuric cation is 
linearly related to the pK of the carbanions* conjugate 
acid.
The extent of the equilibrium,
RX + R’M ^  RM + R * X ...2-(viii)
where R and R* are organic groups, M is an alkali-metal, and
15
X is a halogen, has also been used to assess relative 
carbanion stabilities. In this reaction the two bases 
compete for the halogen atom, and so to relate the carbanion 
stabilities to the pK of RH involves assuming a linear 
correspondence between the two.
16Similar studies have been made using the exchange 
reaction,
R Mg + R ' H g ^ R  Hg + R * Mg ... .2-(ix)
The equilibrium constants were determined from nuclear 
magnetic resonance measurements and relative acidities 
could only be determined qualitatively.
In spite of the low dielectric constant of cyclo- 
hexylamine, Streitwieser^ ^  has used it with an alkali- 
metalAof cyclohexylamine in a competitive reaction to 
determine the equilibrium acidities of a substantial number 
of hydrocarbons. The reaction he adopted can be represented 
Dy,
L H  + L  C+^ =  R" C+ + RnH . . .2-(x)1 2 s I s  2 v y
The concentrations of the species present in solution were
estimated spectrophotometrically from a comparison of the
ultra-violet and visible spectra of the individual salts in
cycl.ohexylamine.
Similarly, a solution of an alkali-metal amide in liquid
ammonia gives a system capable of ionising some of the weakest
carbon acids in which the carbanion concentration can be
21estimated from the absorption band of the anion . The use 
of this system requires specialised experimental techniques 
and suffers from ion-association effects being especially 
important and, often, ion-pairs cannot be distinguished
22spectrophotometrically from the corresponding free ions
.Competitive methods can only give relative pK values 
and for thermodynamic acidity constants to be obtained, one 
of the compounds used must have a pK value which is known 
or which can be determined using another method. The 
reliability of all the thermodynamic values obtained in this 
way depends entirely upon the certainty with which the pK 
for the "anchor” compound is knovm. The use of a particular 
solvent-base system puts a constraint on the pK range open 
to investigation. This is, in general, about 10 pK units.
The conversion of an aci'd into its conjugate base is 
usually accompanied with a substantial change in the ultra­
violet spectrum of the system, and the idea of using 
spectrophotometric techniques to determine when a weak
9acid has ionised was applied, in a crude way, by McEwen .
This enabled him to give estimates of the acidities of some
very weak acids, which have for long stood as the only
reliable data for those compounds. The method was later
23applied in a more direct manner by Stearns and Wheland .
In principle, any solvent system which produces a 
measurable ionisation of a weak acid is suitable for- 
determining the acidity of that acid. The advent of 
highly basic media in the form of an aqueous solution 
containing a dipolar aprotic solvent, has provided the 
opportunity of simplifying the measurement of the acidities 
of weak acids. Once an acidity scale has been established 
the ionisation ratio of an acid, in a suitable H__ solution, 
can be determined using spectrophotometry to measure the 
concentration of the free acid and conjugate base. This 
acidity function approach has been extensively described^’^  
and, together with the competitive methods, has provided most 
of the acidity constant data which is available at present.
The conversion of an acid into its anion via the 
thermodynamic sequence 2-(xi) may be used to determine the 
acidity constant of the acid.
PH R OH^I^=Il+ ^ = ^  . . . 2-(x
Data for all but the first step can be obtained from 
polarographic and electrochemical methods. The difficulty 
of obtaining information about step 1 has been averted
2 6 2 7 2 8"by assuming ? 9 that the energy change for the process,
E.H— ►-R OH is the same for two different R. groups, and in
this way pK's as high as 65 have been recorded for
28tri-tert-butylcyclopropenyl .
Many weakly acidic hydrocarbons possess w-bond systems
and the most apparent change associated with carbanion
formation of these compounds occurs with the tt—electrons.
The change in 7r-electron- energy must play an important role
in determining the, acid strength of such hydrocarbons, and
the difference in w-bond energy between an acid and its
anion would be a measure of that acid strength. Simple
H&ckel molecular orbital theory has been used to evaluate
this difference in vr-bond energy, but since this theory
neglects electron repulsion, the 7r-bond energy of a 7r-system
29 30is assumed to be identical to its 7r~energy 9 . A simple
31equation is obtained for the pK of a compound,
pK = c /\M + b .,.2-(x
where M is a dimensionless number obtained from the molecular 
orbital calculation and b and c are empirical constants.
Calculations of this type are generally based on certain 
approximations;
(i) The free energy change due to solvation is set
constant for a series of structurally similar acids; 
(id) The change in cf-bond energy is either neglected 
or treated as constan-t;
(iii) non-bonding interactions are neglected.
9
The pK values obtained by McEwen for some aromatic w—systems 
have provided a test case for this method, and the results
32obtained for the theoretical acidity of these compounds 
agreed satisfactorily with McEwen1s values.
The possibility of being able to correlate acidities 
with some other more easily measurable property of a carbon 
acid has received a good deal of attention. Arnett 
investigated the possibility of a relationship between the 
acidity and basicity of several compounds and such a 
correlation for a series of benzoic acids has been observed^^5 
but, in 'general, owing to the variation in resonance and 
solvation factors for an acid and its conjugate base, only 
a limited success can, at best, be expected.
The rates at which protons are transferred from a 
carbon acid to a base, can often be measured more easily 
than equilibrium constants, and the idea, that changes in 
the rates of ionisation of carbon acids should tend to parallel 
changes in the acidity of the acid, has been investigated by 
a number of authors. The first comprehensive attempt at 
correlating the rates of ionisation of carbon acids with
their acidities was made by Pearson and Dillon^ , who found
a rough linear relationship between log (rate of ionisation)
and pK for a number of carbon acids. However, considerable
scatter was evident, with nitro and cyano compounds showing
the largest deviations. A similar correlation was
37reported by Jones , who concluded that the relationship 
between log (rate of ionisation) and acidity was better 
represented by a curve, the slope of which increased with 
decreasing acid strength. However, at best, the data 
serve,- only to show that a linear free energy relationship 
between ionisation rate and acidity is poor for carbon acids 
in-the.pK range from 4 to 20. The complete lack of
correlation among carbon, oxygen and nitrogen acids has
38been emphasised by Bell . The data for the rates of 
hydrogen-deuterium exchange of a number of carbon acids,
39catalysed by triethylamine in DMF , or in liquid 
deuterated ammonia^^, correlated well with the acidities 
but the lack of compounds studied probably makes this 
correlation fortuitous.
A number of investigators now tend to regard the
rates of ionisation of carbon acids as representing the
kinetic acidity of an acid. The chief advantage of this is
that rates are much easier to determine, but they suffer
from the fact that different workers use different basic
systems, and often the rates of ionisation are not directly
comparable. Most of the work in this field has been
reported by Streitwieser^ using cyclohexylamine as solvent,
40and Shatenshtem using liquid ammonia. A correlation between 
kinetic and thermodynamic acidities^shows that a curved plot 
is obtained, in line with Br^nsted exponent theory.
In some cases the fate of the reverse reaction in an
ionisation process, can be assumed to be near the diffusion
controlled limit, and then a measure of the thermodynamic
acidity can be obtained from the ratio of the forward and
42reverse reaction rates. This has been applied to 
calculate an approximate value for the pK of dimethyl 
sulphoxide, but its application has not been widely used.
That rates of ionisation are easily measured, and 
solutions of high basicity can be prepared from aprotic 
solvents, suggests that determining rates of ionisation in H_ 
solutions, in which a partially ionised carbon acid is
present, could provide a system from/\thermodynamic rather 
than kinetic acidities, could he determined. The ionisation 
of a compound in an H_ solution will he accompanied by a 
decrease in the concentration of hydroxide ion, according to 
the extent of the equilibrium given in equation 2~(iii).
This decrease in hydroxide ion concentration will be 
reflected in a decrease in the H__ value of the solution, and 
this change in H_ value could be determined by measuring the 
difference- in the rate of ionisation of some other weaker 
"standard" carbon acid, in the two H_ media. This assumes 
that the carbanion produced has a negligible catalytic effect 
compared to that of the hydroxide ion. If this weaker 
"standard" carbon acid is labelled with tritium, then its rate 
of ionisation can easily be determined in H_ solutions where 
other ionisation reactions are taking place.
The object of this work is to establish this method of 
determining acidity constants, and to find to what extent the. 
assumptions made are valid. The "standard" weak acids used 
in this study are 9“tert~Butylfluorene~9T, (r)-o/joc-Phenyl- 
methylacetophenone-PCT and Fluorene-9T. In order to establish 
the method, it will be necessary to determine first, the 
log (rate of detritiation) versus H_ profile for the selected 
"standard" weak acids, and then to verify that the second-orde 
rate coefficient is constant at different solvent compositions
The pK range open to determination by a single "standard" 
weak acid is limited by the convenience with which one can 
measure the rates of detritiation. In practice this range 
is about 2-3 pK units, and hence for a wider scope, a series 
of "standards" is required, each differing in pK by about
2-3 units.
It was assumed that, if the pK values of certain 
compounds of known pK, were determined using this method, 
and satisfactory agreement obtained ?/ith the reported 
values, then catalysis by the carbanions produced could 
be regarded as minimal.
2.2 Experimental •
The rate-determining step in the detritiation of 
9-tert-Butylfluorene-9T is the abstraction of a proton 
by the hydroxide ion^. The method of determining the 
rate of ionisation of labelled compounds has been 
described. (See General Introduction).
If, for a solution of known H_ value, the rate of 
detritiation of a weak."standardM carbon acid is k^, which 
becomes k^ when a known concentration of another weak 
acid is ionised in that solution then,
' = [0H"]1
k2 [0H~ h
where [OH and [OH are the concentrations of hydroxide 
ion present in the H_ solution before and after the addition 
of the ionisable weak acid. This assumes a constant 
second-order rate coefficient for the detritiation of the 
"standard" weak acid at that solvent composition. If the 
log (rate of ionisation) versus H_ plot is known for the 
"standard" weak acid, then the value of k^ will enable the 
determination of the new H_ of the solution, after the 
ionisation of the weak acid. The concentration of anion 
formed will be given by,
[A_] = [OH-]., (1 - ^2 ) ...2-(xiv)
kl
The concentration of free acid remaining in solution is, 
therefore,
[AH] = [C] - [A“] ...2-(xv)
where [C] is the initial concentration of weak acid .added 
to the H solution.
...2-(xiii)
The pK can then be determined from the equation,
pK = fH - log [A ]
[AH]
where *H_ is the H_ value of the solution after the 
ionisation of the weak acid, and is obtained from the 
log k - H_ profile using the rate coefficient hg*
.2-(xvi)
A sample of 9“lei>l"hutylfluorene was kindly given 
to us "by Dr. A.P. Cockerill, and this was used in the
preliminary work. A further quantity was prepared from
- A3Methyl-9.-tert-Butylfluorene-9-carhoxylate, as follows .
Benzil (60 gms.) was dissolved in hot ethanol (150 mis.) 
and a solution of potassium hydroxide (6 0 gms.) in water 
(120 mis.) was added slowly. The mauve-coloured mixture 
was heated under reflux on a water, bath for about fifteen 
minutes. Upon coolingjpotassium benzilate separated which 
was.filtered off and washed with a small amount of ethanol. 
The salt was dissolved in cold water (600 mis.) and boiled 
gently while dilute sulphuric acid was added until the 
solution was acidic. The solid which precipitated was 
filtered off and washed with hot water. Becrystallisation 
from benzene gave colourless crystals of benzilic acid, 
melting point 150°C; lit.^ 150°C.
Benzilic acid (k.6 gms.) was dissolved in thiophene-free 
benzene (7 0 0 mis.) and the mixture cooled in ice until a 
crystalline mass was formed. To the stirred mixture 
anhydrous Aluminium Chloride (80 gms.) was added in one 
portion, and the mixture was refluxed for 3 hours, giving 
a deep-red solution. To the cold mixture small pieces of 
ice, added with caution, decomposed the product, and then 
water (A00 mis.) and cold concentrated hydrochloric acid 
(200 mis.) were added slowly. The benzene was removed 
by steam distillation and the solid product was filtered 
from the mixture; the lumps of solid product were crushed 
and extracted with boiling sodium carbonate solution
(400 mis. 10%), and the mixture was then filtered. The 
extraction was repeated on the undissolved residue, and 
the filtrates were combined and acidified with cold 
concentrated hydrochloric acid. The solid which 
precipitated was filtered and washed with water, benzene 
and then petroleum-ether. The fluorene-9-carboxylic acid
was obtained in 90% yield and had a melting point of 215°C; 
lit.^ 2 1 5“220°C. Fluorene-9-carboxylic acid (30 gms.) 
was refluxed in methanol (450 mis.), with concentrated 
sulphuric acid (10 mis.), for 2 hours. The volume was then 
reduced to half by slow distillation, then made up with 
fresh methanol, and the solution was refluxed for a further 
2 hours. The solution was cooled and neutralized with 
sodium bicarbonate and filtered. The filtrate was evaporated 
to give an oil which was dissolved in the minimum quantity 
of benzene-hexane (1:2 mixture), and passed through a column 
of activated alumina. After elution with hexane, the 
solution was evaporated and allowed to cool, when yellow 
crystals sepa^ted. The methyl fluorene-9-carboxylate 
was obtained in 70% yield and had a melting point of 65°C; 
lit 65°C.
Methyl fiuorene-9-carboxylate (15 gms.) was dissolved 
in tertiary butyl alcohol and clean sodium metal (6 gms.) 
was added gradually, together with freshly prepared tertiary 
butyl bromide (40 mis.). The solution was left for 12 hours 
and the solid was then filtered off. The Methyl-9-tert- 
Butylfluorene-9-carboxylate recrystallised from methanol- 
acetone (10:1 mixture) in needles having a melting point of 
113°C. •
Methyl~9-tert-Butylfluorene-9~carboxylate (3 gms.) 
was boiled under reflux, with ethylene glycol (300 mis.) 
and a solution of potassium hydroxide (20 gms.) in water 
(20 mis.), for 2 hours. The solution turned colourless 
and the white 9—‘b®z,t-Butylfluorene collected in the 
condenser. It was recrystallised from methanol, melting 
point 101°C ; lit .^101. 5°C .
The 9_te^t”Butylfluorene obtained in this v/ay had 
identical, infra-red, ultra-violet and nuclear-magnetic- 
resonance spectra to the authentic sample. A mixed melting 
point determination showed no change in the melting point.
The tritiated form of 9“tert-Butylfluorene was obtained 
by reacting for 48 hours at 85°C, 0.5 gms. of compound,
0.01, ml. tritiated Y/ater (specific activity 5 Ci/ml.), 1 pellet 
of sodium hydroxide and sufficient A.R. dioxan to make the 
mixture homogenous. The solid labelled compound precipitated 
from the solution when a small quantity of ice was added.
It was filtered off and dried.
The benzylidene-acetones were prepared by condensing
a substituted benzaldehyde with acetone, using the method 
48of Lutz et al .
•, Sodium hydroxide (0.3 gms.) was dissolved in a mixture 
of ethanol (l?0 mis.), acetone (40 mis.) and water ( 2 3 0 mis.), 
and the solution vras cooled to 4°C. The cold solution was 
then added to a cold solution of the substituted benzaldehyde 
(0.1 moles) in ethanol (60 mis.) and the mixture left’for 
12 hours in a refrigerator at 0°C. The substituted 
benzylidene-acetones crystallised from the solution and were 
filtered off. They Y?ere either recrystallised from
ethano1-water (1:1 mixture) or fractionally distilled 
under reduced pressure, and final purification of the 
solids was achieved by subliming them in vacuo.
Melting points and boiling points of the benzylidene—
acetones were all in satisfactory agreement with the values
45given in the literature .
Reagent grade dimethyl sulphoxide was dried by letting 
it stand over freshly prepared Calcium oxide for 12 hours, 
and it was then purified by fractional distillation under 
reduced pressure in the presence of nitrogen. It was 
stored over 4A molecular sieves in a tightly stoppered dark 
bottle and gas-liquid-chromatographic analysis showed it 
to contain less than 0.1 weight % of water.
Stock tetramethylammonium hydroxide solutions were 
prepared by addition of the solid pentahydrate to water. 
Fresh solutions were prepared fortnightly and standardised 
against A.R. potassium hydrogen phthalate.
The H_ media, comprising dimethyl sulphoxide, water 
and tetramethylammonium hydroxide were made up by weight, 
the hydroxide being added to give 0.011 M solutions. 
Deionised freshly "boiled-out" water was used throughout.
All other compounds used were obtained commercially and 
were purified before use.
The detritiation technique adopted is essentially 
that described by Jones^ in which the loss of tritium 
from the labelled compound is determined.
Initial investigations indicated that even for the 
relatively high concentrations of carbon acid (0.003 to 
0.0100 M.) used in this work, -'a side-reaction, due apparently 
to traces of dissolved oxygen, occurred to an unacceptable 
extent during the course of the detritiation experiment.
To prevent this side-reaction vigorous degassing of the 
solution was required and to this end the apparatus shown 
in figure 2.1 was designed.
In a typical run in the presence of a carbon acid, the 
acid, weighed to five decimal places in a small vial, was 
placed into tube B along with a trace of the labelled 
"standard" weak acid. Approximately 7 mis. of the H__ media 
was weighed into tube A, and the cell was then assembled 
as shown. At C, rubber pressure tubing was attached to a 
nitrogen supply which had been passed over a B.A.S.F. R 3-H 
catalyst to remove traces of oxygen, and then dried over 
anhydrous magnesium perchlorate. The vessel could be 
evacuated at D and appropriate manipulation of taps, E and 
F, allowed nitrogen-flushing of the apparatus. The 
contents of the vessel were then frozen by placing tubes 
A and B into liquid nitrogen, and the apparatus was then 
evacuated and tap F closed. The contents of the vessel 
were allowed to melt under vacuo, with consequent degassing, 
and the vessel was refilled with nitrogen. The degassing 
procedure was then repeated and the apparatus was placed
DB
■vertically in a water-bath, at 25.0 +_ 0.1°C, so that 
the water level reached the top of tubes A and B. After 
an equilibration of about fifteen minutes, the apparatus 
was inverted, thoroughly and rapidly shaken to allow 
mixing of the carbon acid, tritiated substrate and 
H__ solution, and a slight positive pressure of nitrogen 
introduced through tap E. To D was connected an ultra­
violet microcell (supplied by Research and Industrial 
Instruments Co.) with a 0.1 m.m. path length and, with 
the vessel inverted, tap E was opened gently to fill the 
cell. Tap E was closed, the microcell removed, and the 
ultra-violet spectrum of the solution was scanned repeatedly, 
over the time period of the detritiation experiment, on a 
Unica^i. S.P. 1800 or S.P. 800 instrument. In the vast 
majority of runs very little spectral changes were observed 
during the course of the run. After the removal of the 
microcell, the reaction vessel was returned to the upright 
position with the reaction solution in tube A. Tap E 
was opened and the cell was divided at joint G- and the 
contents of A were re-equilibrated in the water-bath with 
a substantial flow of nitrogen, through tap E, over the 
solution. 0.5 ml• aliquots were then withdrawn at 
appropriate time intervals and the reaction was quenched 
by injecting the aliquots into separating tubes containing 
10 mis. of water under 10 mis. of scintillor solution 
(2,5-Diphenyl oxazole in sulphur-free toluene). After, 
shaking and allowing the layers to settle, the toluene layer 
was pipetted off and dried by shaking with anhydrous sodium 
sulphate. 5 mis. of the dried solution were then placed
into counting vials of low content which, were then
placed in a Beckman L.S.-100 Liquid Scintillation Counter.
Runs in the absence of the carbon acid were performed 
in the same way, and reactions were usually followed to 
Q0% completion. No departures from first-order kinetics 
were observed and rate coefficients were reproducible to 
within _+ 2%.
2.. 3 Re suits
The rates of detritiation for the "standard" weak 
acids, with ionisation data for the added weak acid are 
shown in Tahle 2.1. The added weak acids include a series 
of benzylidene-acetones, fluorenes and substituted amines.
T -1k in sec is the rate of detritiation of the. "standard"
T -1weak acid in the absence of a carbon acid, and *k in sec
is the rate of detritiation in the presence of a carbon acid.
Concentrations are in moles per litre. H_ values quoted
) 7
are those of Dolman and Stewart
Table 2.1. Rates of detritiation for the "standard" 
acids with the corresponding ionisation 
for a series of weak carbon and nitrogen
weak
data
acids.
(a) 4--Methoxy Benzylidene--Ace tone
H_ 4 T 1 O k 1 4 T 10^;‘k1 io2[oh”] 10^[Anion] 10^[Rree pK
Acid]
22.37 77.10 22.03 49. 40 .1.100 3.95 4.83 22.12
22.37 77.10 21.83 36.31 1.100 5.79 7.55 2 1 .9 6
22.37 77.10 21.81 33.99 1.100 6.-16 7.77 21.91
22.37 77.10 21.83 35.45 1.100 5.94 4 . 2 6 2 1 .6 9
22.37 77.10 21.87 37.73 1.100 5 .6 2 4* 84 21.81
(b) 4--Bromo--Benzylidene-Acetone
H_ 4 T 1 H_ 4 T 10f. *k io2[oh ] 10^[Anion] lO^Ore e pK
Acid]
21.74 26.14 21.33 15.51 1.093 4 • 44 4.39 21.35
21.74 26.14 21.37 16.09 1.093 4.70 5.83 21.31
21.74 26.14 21.34 15.33 1.093 4.52 5* 64 21.44
21.74 26.14 21.37 16.19 1.093 4 . 1 6 4*66 21.42
21.74 26.14 21.39 16.55 1.093 4.01 5.49 21.53
"Standard" weak acid used was 9-tert-Butylfluorene
Av. pK = 21.4
Table 2.1"(Contd.)
(c) 2|---Cyano"Benaylidene-Acetone
H_ 10^.kT *Ii__ 102f.‘kT 102[0H ] 10^[Anion] lO^Free pK
Acid]
20.91 7.24 2 0 .6 2 4.43 1.094 4*21 4.38 20.64
20.91 7.24 2 0 .6 0 4.28 1.094 4.47 5.77
i—ir-.o04
20.91 7.24 2 0 .6 1 4.36 1.094 4.33 5.63 20.72
20.91 7.24 20.56 4.03 1.094 4.85 4* 06 20.48
20.91 7.24 20.37 4.07 1.094 4.79 6 .1 6 20.68
"Standard” weak acid used was 9-tert-Butylfluorene
Av. pK = 2 0.6
(a) 3—Me thoxy-Benzylidene—A’ce tone
4 , T10 .k ’ H_ 104.lkT io2[oh ] 10^[Anion] 10^[Free pK
22.23 36.39 21.81 34.34 1.102 4.29
Acid]
5.09 21.88
22.23 36.39 21.69 27.52 1.102 5.66 7.56 21.82
22.23 36.39 21.68 27.26 1.102 5.71 6.81 21.76
22.23 36.39 21.81 33.75 1.102 4.45 4.56 21.86
22.23 36.39 21.77 31.75 1.102 4.84 5 . 2 6 21.81
"Standard" weak acid used was 9-tert—Butylfluorene
(e) 3
H__
-Chloro-
4 , T 10^.k“
•Bengylidene- 
•H 10^.«k
Acetone
T io2[oh“] 10^ [Anion]
At . pK » 
10^[Free
21.8
pK
21.36 14.81 21.03 9.00 1.108 4.35
Acid]
6.33 21.19
2 1 .3 6 14.81 21.07 9.69 1.108 3.83 6.59 21.31
21.36 14.81 21.03 9.23 1.108 4.17 7.38 21.30
2 1 .3 6 14.81 21.02 8.83 1 .1 0 8 4.47 7.36 . 21.24
2 1 .3 6 14.81 21.02 8.81 1.108 4.49 7.71 21.26
"Standard" weak acid used was 9“tert-Butylfluorene
At . pK = 21.3
(f) 3~BromO”BenayIidene-Acetone
H__ l o H T 511^  lO21'. !kT 102 [0H~] 10^[Anion] 1 0^]Free pK
Acid]
21.37 14.43 20.99 8.44 1 .1 1 0 4 . 6 1 3.59 2 1 .
21.37 14.43 20.99 8 .3 8 1 .1 1 0 4 . 6 5 5.15 2 1.
21.37 14.43 2 1 .0 2 8 . 9 0 1 .1 1 0 4.25 5.31 2 1 .
21.37 14.43 21.01 8.71 1 .1 1 0 4.40 6 . 0 6 21.
21.37 14.43 20.98 8.71 1.110 4.78 5.58 21.
. "Standard" weak acid used was 9-tert-Butylfluorene
Av. pK = 21.
(g) Benzylidene-Acetone
H_ * 4 T 10 .k ! H_ lO^.fkT io2[oh ] 10^[Anion]
X
10 [Free 
Acid]
pK
22.30 79.30 21.87 37.99 1 .1 3 0 3.90 6.24 21.
22.30 79.50 21.89 39.44 1 .1 3 0 3.69 3.37 21.
21.83 37.32 720.55 21.59 1.082 4.37 6 . 9 6 21.
22.10 54.95 21.75 30.50 1.084 4.82 3 . 0 1 21.
21.43 19.47 21.22 12.47 1.108 3-98 8.14 21.
"Standard" weak acid used 
(h) 4-—Chloro—Benzylidene —
was 9~tert-Butylfluorene
Av. pK =
Acetone
21.
H_ 4 T 10 .k *H_ 102*’. *kT io2[oh ] lO^CAnion] lO^fFree
Acid]
pK
22.10 6 0.6l 2 1.71 29.37 1.082 3.38 3.24 21.
21.43 19.47 21.29 13.57 1.108 3.36 6 • 46 21.
2 1 .0 6 9.33 20.94 7 .6 2 1.099 2.01 7.31 21.
21.27 14.11 21.04 9.03 1.102 3.95 5.45 21.
21.27 14.11 2 1 .0 6 9.48 1.102 3 . 6 2 4 . 8 0 21.
"Standard" v/eak acid used was 9“tert-Butylfluorene
Av. pK = 21.
07
03
12
15
05
1
89
87
73
77
53
8
68
57
50
18
18
4
Table-2.1 (Contd.)
(i) Fluorene
4 T H 10 «k *H A T 10\ *k io2[oh ] 10^[Anion] 10^[Free pK
21.90 38.6 21.22 12.40 1.120 7.38
Acid]
2.28 20.7
21.90 38.6 21.20 12.00 1.12 0 7.72 2.68 20.7
21.90 3.8.6 21.18 1 1 .6 0 1.120 7.83 1.63 20.3
21.70 27.7 21.18 11.30 1.120 6.34 3.23 '20.3
21.70 27.7 21.18 11.30 ' 1.120 6 .6 3 3.17 20.8
21.70 21.1 21.13 11..10 1.120 6 .7 1 2.63 21.4
21.37 15.9 20.93 7-31 1.120 2.33 6.43 21.1
21.23 13.2 21.00 8.31 1.113 3.94 5*50 21.2
21.23 13.2 20.98 8.44 1.113 4.00 6 . 0 0 21.3
20.83 6.38 20.76 3.63 1.120 1.28 8 .7 2 21.3
20.83 '6 .3 8 20.74 3 .44 1.120 1.65 9.73 21.3
20.83 6.38 20.71 5.19 1.120 2.09 7.-18 21.3
"Standard" weak acid used was 9-tert-Butylfluorene
Av. pK = 21.0
(o) 9-Phenyl fluorene
H_ 104 .kT 1 H_ 4 T 10 . *k 102[0H ] 10^[Anion] 10^[Free 
Acid]
pK
19.09 130.9 18.23 41.47 1.101 6.95 0.76 17.27
19.09 129.4 18.47 5 1 .6 6 1 .1 0 3 6.19 0.36 17.23
19.09 1 2 6 .6 18.62 6 0 .1 0 1 .1 0 3 5.41 0.49 17.58
19 . 09 1 2 6 . 6 18.59 58.66 1 . 1 0 4 5-58 0 .2 6 17.26
19.09 127.9 18.50 33.34 1 .1 0 3 6.03 0.19 17.00
18.34 71.7 18.04 31.72 1.104 5.83 1.27 17.38
18.34 73.4 17.78 23.82 1 . 1 0 4 7.02 1.32 1 7 . 0 6
18.54 74.1 1 7 .8 6 2 6 .2 3 1 .1 0 3 6.68 1.34 17.16
"Standard" weak acid used was (r)of-Phenylme thylace tophenone
Table 2.1 (Contd,,)
2—Methoxy fluorene
H_ lo\kT *H_ 10^. *kT 102[0H“] 10^[Anion] 10^[free pK
Acid]
21.95 43*46 21.30 14.26 1 .1 0 6 7.42 1.92 20.71
21.95 43.46 21.23 12.88 1-.106 7.78 3.11 20.83
21.95 43 ® 46 21.28 13.58 1 .1 0 6 7 . 6 0 3.13 20.89
21.95 43.46 21.35 1 5.44 1 .1 0 6 7.13 1 . 6 0 20.70
"Standard" A/eak acid used was 9—tert—Butylfluorene
. Av. pK = 20.8
(l) 4“Methyl-Diphenylamine
H_ 4 , T 10 . k 4 T 10 . 1 k io2[oh ] 10^[Anion] 10 [free pK .
Acid]
2 3 .1 0 288.0 22.72 151.4- 1 .1 0 3 5.23 5.44 22.74
2 3 .1 0 288.0 22.67 141.3 1 .1 0 3 5 .6 2 7.69 22.81
0 1—1 •K\CM 288.0 2 2 .7 1 147.9 1 .1 0 3 5.37 6.91 2 2 . 8 2
2 3 .1 0 288. 0 22.66 138.0 1 .1 0 3 5.74 4.78 22.58
2 3 .1 0 288.0 22.78 170.0 1 .1 0 3 4.52 4.50 22.78
"Standard” weak acid used was 9-tert-Butylfluorene
Av. pK = 22.7 (5).
(m) Diphenylamine
H__ l o \ k T * H_ 4 T 10 .!k 2 r “n10 [OH ] 10^[Anion] 3 p10 [free 
Acid]
pK
22.74 1 7 0 . 0 22.66 135.0 1 . 1 0 4 2.27 2.65 22.73
-4*•CMCM 1 7 0 . 0 22.44 95.5 1 . 1 0 4 4« 84 6.38 22.56
22.74 1 7 0 . 0 22.42 91.2 1 . 1 0 4 5.12 6.28 22.51
22.74 170.0 22.43 93-0 1 . 1 0 4 5.00 3.59 22.29
22.74 170.0 22.49 104.7 1.104 4.24 3.55 2 2 .4 1
"Standard" weak acid used was 9-tert-Butylf luorene
Av. pK = 22.5
Table'2.1 (Contd.)
(n) 3~Chloro--Diphenylamine
H_ l(A.kT ’H_ lO2**. »kT 102[0H"] 1 O'5 [Anion] 105[free pK
Acid]
20.90 316. 0 2 0 .3 2 1 9 3 . 0 1. 093 4 . 1 9 4.43 20.33
2 0 .9 0 3 1 6.0 2 0 .7 2 2 3 0 . 0 1 .093 2 .2 9 1 . 6 7 20.38
20.90 3 1 6.0 2 0 .6 2 2 2 4 .0 1 .093 3.19 3.92 20.71
20.90 3 1 6.0 2 0 .3 8 2 0 9 .0 1 .093 3.7i 2 . 9 4 2 0.48
2 0 .9 0 3 1 6.0 2 0 .7 1 247.0‘ 1 .093 2 .3 9 2.23 20.68
"Standard” weak acid used was fluorene
Av. pK = 20.6
(o) 2 S 3f 6~Tetrachloroaniline
H _ lo\kT tR_
4 T 10 . * k 102[0H"] 10^[Anion] 10^[free 
Acid]
pK
19.81 78.0 19.38 44« 7 0 1.102 4.70 3.91' 1 9 . 2 0
19.81 78.0 19.33 42.70 1.102 4.99' 6.23 19.46
19.81 78.0 19.34 41.70 1.102 3.13 3.75 19.39
19.81 78.0 19.43 47.90 1.102 4.23 3.70 19.37
19.81 78.0 19.39 43.7 0 1.102 4.36 3 . 6 1 19.48
"Standard” weak acid used v/as fluorene
Av. pK = 19.4
(p) 2-Nitro-Diphenylamine
H_ n Jb , T10 .k 1 4 T 10 .!k io2[oh ]
•5
10 [Anion] 310 [free 
Acid]
PK
18.12 3 3 0 . 0 17.78 240.0 1.100 3.46 4.10 17.83
18.12 3 3 0 . 0 1 7 .6 6 209.0 1.100 4.43 3.12 17.79
18.12 3 3 0 .0 17.70 2 1 9 .0 1.100 4.12 3.84 17.73
18.12 3 3 0 . 0 17.73 234.0 1.100 3.64 4*42 17.83
18.12 3 3 0 . 0 17.90 2 6 9 .0 1.100 2.46 1.90 17.78
"Standard” weak acid used was (r) ~^c/-Phenylmethylacetophenone
Av. pK = 17-8
Takle 2.1 (Contd.)
(q) 2--Nitro-*4“Chloro--Aniline
H__ lo\kT 1 H__ lOlf.1kT 102[0H_] 10^[Anion] 10^[Free pK
Acid]
17.27 15-35 1 7 .0 6 10.33 1.108 3 . 6 2 5.90 1 6 .8 6
17.27 13.33 1 7 .1 0 1 0 .6 1 1.108 3.42 3*83 16.93
17.27 13-33 17.14 11.69 1.108 2.64 4.06 16.87
"Standard” weak acid'used was (r)-0 ^,^-Pkenylmetliylacetophenone
Av. pK = 16.9
(r) 4~Nitro-296 -Diehloro-Aniline
H_ 4 5 T 10 .k 1 H_ 105.*kT 102[0II ] 10^[Anion] 10 [Free pK
1 6 .1 0 37.13 13.37 20.42 1 .1 0 4 4.97
Acid]
5.57 15.63
1 6 .1 0 37.13 13.78 2 5 .1 2 1 .1 0 4 3.57 3. 08 15.72
l6.10 37.13 13.81 27.23 ‘1 .1 0 4 2.95 2.30 15.70
1 6 .1 0 37.13 13.41 17.38 1 .1 0 4 5.87 3 .2 1 15.50
1 6 .1 0 37.13 13.68 2 3 * 44 1 .1 0 4 4.07 4 . 05 1 3 .6 8
"Standard" weak acid used was (r) -0406-Phenylmethylacetophenone
(s) h- 
H_
-Nitro-
105.kT
2 ?3-Pichloro- 
*33 105.‘k
Aniline
m p _
10 [oh ] 10^[Anion]
Av. pK = 
10^[Free
15.6
pK
16.35 49.00 13.88 28.84 1.108 4.56
. Acid]
4.14 15.84
16.35 49.00 13.93 3 1 .6 3 1.108 3.93 4.10 15.97
16.35 49.00 1 3 .8 8 2 8 .7 0 1.108 4.59 4.46 15.87
16.35 49.00 13.83 27.54 1.108 4.82 6.08 15.93
16.35 49.00 13.83 2 6 .9 0 1.108 5.00 5.33 15.86
"Standard" weak acid used was (r) -cx^ oC-Phenylmethylacetophenone
Av. pK ® 13•9
Table 2.2 Rates of Ionisation of 9“tert-Butyl fluorene, 
fluorene and 9~phenyl fluorene in solutions of 
various II values at 25.0°C.
(a) 9-tert-Butylfluorene
0H_ mu-LC T 
2 0.63 4.42 0.645
H lO^.kJL.- (litre mole 1sec 2 + logn k?*w-
20.83 5.70 0.756
20.90 6 .8 1 0.833
20.94 7*12 0 .8 3 2
2 1 .0 6 8.49 0.929
21.25 12.05 1 .0 8 1
21.27 12.80 1.107
2 1 .3 6 -13 • 37 1 .1 2 6
21.40 ■ 15.54 1.191
21.45 16.97 1 .2 3 0
21.69 2 5 .1 6 1 . 4 0 0
21.83 34.49 1.538
21.85 • 38.37 1.584
21.97 40.91 1 .6 1 2
22.05 47.21 1 . 6 7 4
2 2 .1 0 55.91 1.747
2 2 .3 0 70.35 1.847
2 2 .5 0 1 0 1 .1 2.004
22.65 1 3 2 .1 2 .1 2 1
2 3 .2 2 275.5 2.440
Table 2.2 (Contd.)
(b) Fluorene
H_ lO^.k
18.15
18.35
1.8 c 91 
1 9 .0 2
19.11
19.15
19.36
19.72 
19.82
2 0 .1 6  
2 0 .2 6
20.27 
20.50 
20.67
(c) 9“Pkenyl 
H_
1 4 .6 1  
14.80 
15.06
15.34
15.73
15.90
16.25
16.51
15.70
 ^ _(litre mole ^sec 
OH
9.689
10.93
23.13
27.48
31.59
3 2 .6 0  
33.03 
6 8 .3 6  
83.59
113.9
137.6
142.1
200.4
236.4
5 .6 1  
7.41 
11.19 
13.81 
1 6 .6 1  
22.86 
26.27 
37.61 
44* 30
-Fluorene
lO^ k**' __(litre mole  ^
OH
3 + log-, n k _ 
OH
0.786
1.039
1.364
1.439
1.499
1.513
1.518
I . 8 3 5
1.922
2.057
2.1-39
2.153
2.302
2.374
0.749 
0.870 
1.049 
1.140 
1.220 
1.359 
1.419 
1.575 
1 ♦ 646
Table
(а)  9-
Mole c(
9 5 .6 8  
95.64
95.69 
95.68
91.09
90.92
91.14
9 1 .0 2
8 6 *40  
8 6 .3 6
86.47
86.43
(б) (2
Mole c/
70.45
70.45
70.43
70.47
62.47 
62.53 
62.30
62.48
2.3 The dependence of the rate of detritiation of 
the "standard" acids upon the concentration of 
hydroxide ion for various solvent compositions
-tert-Butylfluorene
1o DM SO 102[0H~] 102f.kT(sec“1)
1.111 305.8
0.816 2 1 7 .1
0 .6 1 2 1 3 4 . 5
0.203 24.16
1.115 54.63
0.810 38.81
0.599 29.36
0.394 18.01
1 .1 0 0 1 6 .7 5
0.813 11.32
0 .6 1 1 8 .4 3
0.409 5.63
*) -c4,c<-Phenylmethylacetophenone 
% DM SO 102[0H_] 10if.kT(sec""1)
1.110 186.7
0.804 140.5
0.398 71.33
0.190 32.08
1 .102 7 6 .0 4
0.809 55.65
0.412 28 .36
0 .220 14 .50
Table 2.3 (Contd.) 
Mole % DMSO 
53.78 
53-69
53.73 
53-77 
53-75
(0) Fluorene 
Mole % DMSO 
80.93
80.89
80.95
80.90 
80.92
69.57
69.50
69.52
69.55
69.54
5 8 .5 6
58.58
58.50
58.54
58.53
io2[.oh“] 
1.110 
0*812 
0 .631  
0 .4 2 1  
0.202
io2[oh“]
1.100
0.803
0.652
0.431
0.198
1.110
0.841
0.591
0.402
0 .2 1 6
1.110
0.812
0.604
0.410
0.234
10^.k^(sec 
22.98
16.34
13.11 
8.68 
4.08
-1 n4 i T / “1 \10 .k (sec )
2 6 .0 1  
18.86
15.10 
10.21
4 . 6 0
6.44
4.73
3.52 
2.30
1 .1 6
0.120 
0.088 
0 .0 6 5
0.044
0.025
2«3 (a.) A Typical Calculation of the pK of a Compound.
The rate of detritiation of 9-tert-Butylf luorene ■was 
determined in a solution containing 86*10 mole % dimethyl 
sulphoxide to which was then added a concentration of
0. 01183-M* 3-Chloro-Ben-zylidene-Acetone .
The ' H value of the solution "before addition of the
ketone was 2 1*32 which gave a rate of detritiation of
- L  -1
9-tert-Butylfluorene of 14*81 x 10 sec
The hydroxide concentration was 0.01108 M.
Detritiation of 9-tert-Butylfluorene in 86 mole % dimethyl
sulphoxide solution containing 3-Chloro-Benzylidene-Acetone
 *2
Time (mins.) counts per minute x 10 log^^(counts per
minute) + 3
2.53 303.6 2.482
5.57 258.6 2.413
8 . 5 0 2 2 5 .2 2 .3 5 2
11.58 192.3 . 2.284
14.60 1 6 1 .9 2.209
1 7 .6 1 1 3 5 . 6 2 .1 3 2
20.58 116.9 2 .0 6 8
23.70 99.5 1.998
2 6 .6 1 85.3 1*931
The plot of log-j q(counts per minute) versus time is shown in
Pig. 2.2, and the rate of detritiation in the presence of
1 |
the ketone v^ as found to "be 8.83 x 10 sec
Therefore, [Anion] = 0.01108 /I - 8.83 x 0.01108x
 ^ 14.81 '
= 0.00447 M.
lo
g 
(C
ou
nt
s/
mi
nu
te
)
20 Time (mins)10 30
Hence' [Free Acid] -= 0.01183 - 0. 00447 = 0.00736 M .
and so log [Anion] = - 0.22 
[Free Aci a]
The H_ value of the solution after the addition of the 
acid is obtained from the plot of log^^ (rate of ionisation) 
versus H__ for 9“tert~Butylfluorene using the value of 
8.83 x 10 ^ sec This gives the new H__ value to he
21.02 and so the pK value is 21.24-
2.4 Discussion
Figures 2.3? 2.4 and 2.3 show that the relationship 
hetY/een the rate of detritiation of a "standard" weak acid 
and the hydroxide ion concentration of the H_ solution is 
linear, if the concentration of dimethyl sulphoxide is less 
than 92 mole f0m Above this value deviations occur, and 
clearly the method would give variable pK values in such a 
region. The concentrations of dfijnethyl sulphoxide were 
chosen so as to encompass the normal range in which these 
indicators would be used and it is reasonable to suppose that 
there are no deviations between these values.
Table 2,4 shov/s a comparison between the pK values of 
some indicators determined by this method, and determined by 
a spectrophotometrie method. All, except the last two 
indicators v/ere used to establish the H_ scale which was adopted, 
and since the system 7/e used was identical with that used for 
the H_ scale, one would expect identical values to be obtained 
for tbe pK’s of these compounds.
Table 2.4 A Comparison of tbe pK values of some indicators 
used to establish the" EL scale.
Compound pK (this method) pK (lit.) ref
4~Me thy 1 di phe nylamine.. 22.7 22.95 47
Diphenylamine 22.5 22.44 47
3-Chiorodiphenylamine 20.6 20.73 47
2,3 ? 5 ? 6-Tetrachloroaniline 19.4 1 9 .2 2 47
2-Nitrodiphenylamine 17*. 8 17.91 '47
2-Nitro-4“chloroaniline 16.9 17.08 47
4-Nitro~2,6-dichioroaniline 1 5 . 6 15.59 48
4-Nitro-2,3-dichloroaniline 15.9 16.05 48
Dependence of the rate of* detritiation 
upon the hydroxide concentration for 
(r ) Phenyl me thy la ce tophenone at
constant solvent composition
70 mole %
o
100 -
62 mole f0
54 mole %
103 Hydroxide50 10
concentration
Dependence of* rate of cLetntiatio 
upon hydroxide concentration for 
fluorene-9T at constant solvent 
compo sition
81 mole %
15 ~
10
70 mole %
10 10^ Hydroxide
concentra tion
Dependence of the rate of detritiation 
upon hydroxide concentration for 
Butylfluorene~9T, at constant solvent 
compo sition.
96 mole %
300 -
200
100
91 mole
86 mole
10 10^ Hydroxide
concentration
Since the values -obtained incorporated the use of all 
three "standard" weak acids, the agreement would seem to 
justify the assumption that catalysis by the carbanion 
produced is negligible compared to that due to the hydroxide 
ion. However, the data for fluorene doc . show a somewhat 
rough correlation between the calculated anion concentration 
and the corresponding pK value, there being an increase in 
pK as the concentration of anion decreases. If catalysis 
by the fluorenyl anion is operative, the observed rate of 
detritiation will be higher than in the absence of catalysis, 
resulting in a lower than otherwise value for the anion 
concentration, a lov/er ionisation ratio and hence a lower pK 
value. The variation of pK with anion concentration would 
be expected to be in the same direction as that observed for 
fluorene, but the'degree of departure from the real value will 
be offset slightly by the higher than otherwise H_ value 
obtained from the rate of detritiation. An extrapolation 
to zero concentration of anion yields a value of about 21.8 
for the pK of fluorene, not far from the value of 22.1
49reported by Bowden and Cockerill . No other variations of
anion concentration with pK were observed for any of the
remaining compounds but the low value obtained for 9~pbenyl-
fluorene, as compared to the accepted literature value of 
5 0 5118.6 9 , may be due to the same problem. However, 9~phenyl-
fluorene was a difficult compound to use due to its insolubility 
which forced the use of a solution containing more dimethyl 
sulphoxide than was necessary for ionisation; this was the 
reason for the high anion concentrations.
The remaining pK values for the benzylidene-acetones are
of interest due to the great lack of.data on the acidity
of ketones and are in line with what one would expect
their values to be. The rate of the hydroxide catalysed
detritiation, in purely aqueous media of benzylidene-acetone
-1 -1 52is 0 . 0 3 7  litre mole sec which is close to the value
- 1 - 1  53of 0.025 litre mole sec for p-methoxyacetophenone 
The pK of this latter compound is thought to be around 20 
in water, and the observed pK value of 21.8 for benzylidene- 
acetone is quite reasonable.
The variation of pK with the substituent in the benzene
nucleus for the benzylidene-acetones is in the order expected
54as predicted by the Hammett relationship , and the
correlation between pK and <J value is normal. (See figure
2.6).
The rate profiles with respect to the H_ value of the
solution for the "standard" weak acids used are given in
figures 2.7? 2.8, 2.9 and 2.10; the data for (r)-<^ ,o<C“pbenyl-
6o
methylacetophenone was taken from previous work. Good 
straight lines were obtained for fluorene and ert—butyl—
fluorene, while that for 9~pbenylfluorene does show some
scatter. This is not surprising since considerable 
difficulties were experienced from the very low solubility of 
this compound in the H_ media used. .For this reason 
9-phenylfluorene was not used for the determination of any 
acidity constants but the slope of its rate profile is of 
interest.
55Recent work has suggested that log (rate of ionisation) 
versus H_ plots can be interpreted in terms of a Br^nsted
Hammett plot for the substituted 
bensylidene-acetones»
1. P - CN 5. P - Br
2. M - Br 6 . M - MeO
3. M - Cl 7. H
4. P - Cl 8. P - MeO
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exponent and the magnitude of this exponent has been taken 
as a measure of transition state symmetry. Table 2.5 gives 
some values of the slopes of some log k - H_ plots? together 
with data from the present work.
Table 2.5 Slopes of log k - H_ plots for different compounds
in solutions of water-dimethyl sulphoxide-hydroxide.
Acid pK Slope ref.
H2 10 0.23 - 0.36 56
Acetophenone 20 0.47 57
1,4”Dieyano-2-butene 20 0.7 58
Chloroform 23 - 25 1.0 58
(-) Menthone 20 0.48 59
(d) -o/,CkL”Phenylme thyl-
a cetophenone 20 0.49 60
9-tert-Butylfluorene 23*4 0.73 This work
Fluorene 22*1 0.57 This work
9-Phenyl fluorene 18.6 0.39 This work
Dimethyl sulphoxide 32 0.93 6l
These values clearly show that as the strength of the acid 
decreases, the slope of the log k versus H_ plot increases*
A relationship between the Br/nsted exponent and pK would be 
expected if both these parameters measure transition state 
symmetry as the claims in the literature would lead us to 
believe.
The method devised for measuring equilibrium acidity 
constants of weak acids has been proved, but for its success 
it depends upon a low catalytic power of the anion produced.
It is capable, however, of measuring the acid strength of 
compounds which do not give a favourable ultra-violet spectrum, 
the one important criterion needed by other accurate methods.
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CHAPTER 3
THE BASE CATALYSED DECOMPOSITION OE NITRAMIDE IN 
Y/ATER AND DEUTERIUM OXIDE.
3*1 Introduction - -
The decomposition of nitramide allowed Br^nsted^
to formulate his now well known catalysis law, which
relates the rate of a proton-transfer reaction to the
basic strength of the accepting base. (For a full
discussion of proton-transfer reactions and the Brj/nsted
equation, see Section l.l). Although there is plenty
of reported data for the base catalysed decomposition of
1-2 0nitramide in aqueous solution , and some organic sol­
vents^ there are only two papers in which isotope
effects have been measured; one of these reports isotope
effects 'when the reaction was conducted in isotopic
11purity deuterium oxide for three similar bases , and the
other reports isotope effects when the reaction was
22conducted in anisole catalysed by dimethylaniline The
lack of reported isotope effects may, in part, be due to
the mechanism of the decomposition which begins with the
establishment of a pre-equilibrium. It has been shown that
both protons in nitramide are rapidly exchanged in deuterium 
25
oxide and the most plausible mechanism of decomposition 
involves a rapidiy established pre-equilibrium (reaction 3—(i))*. 
followed by the rate determining proton transfer from
4- v 26nitrogen to base
.OH
H NNO HN:i\f<^ _ 3~(il
This second step may lead either to an unstable inter­
mediate which then decomposes (reaction 3“(ii))? or else 
it is concerted with the N - Q bond rupture (reaction 3“(iii))»
This reaction mechanism suggests that it is not possible 
to determine the rate of decomposition of isotopically 
substituted nitramide in aqueous solution. The only 
alternative approach would be to determine -the rate of 
decomposition of nitramide in aqueous solution and also in 
deuterium oxide, or perform the decompositions with proto- and 
deutero-nitramide in a solvent which is not capable of
exchange, and using bases which are unable to undergo exchange.
22The latter approach has been reported but the difficulties 
of obtaining isotopically pure deuterated nitramide, and 
the limit in reactivity imposed by using non-exchangeable 
bases, together with the possibility of ion-association 
renders this approach the least desireable. The use of 
deuterium oxide as solvent would introduce a solvent as well 
as a primary isotope effect. (See Section 1.1 'for a 
discussion of primary isotope effects).
The solvent isotope effect is caused by differences in 
solute-solvent interactions and, in particular, by changes 
in the frequencies and zero-point energies of hydrogen 
(or deuterium) bonded solute and solvent molecules. The 
variation in rate of reaction with deuterium content is 
thought to be responsible to two factors. Firstly, and 
which provides the largest contribution to this isotope 
effect, is the exchange effect which represents the fact 
that hydrogen and deuterium are not randomly distributed
■between the various species present in a solution 
containing both hydrogen and deuterium., Secondly there is 
the transfer or medium effect arising from changes in 
solvation in going from one solvent to another,
For the solvent catalysed decomposition of nitramide, 
the equilibrium between reactants and the transition state
can be written as,
4 2 . 1 3 
L2° + NL‘2N02^=±= L20  L  N: NO ,...0L 3-(iv)
where L stands for a hydrogen atom capable of isotopic
equilibrium with the solvent, and the non-equivalent hydrogen
positions are numbered (l)~(4)« Solvent isotope effects
can be written quite generally in terms of fractionation 
27factors which are defined as the ratio of deuterium content 
to protium content of the position concerned, relative to the 
same ratio for the solvent. Thus, for the equilibrium,
SH + i  D O = ' SD + i  H O 3-(v)
the fractionation factor 0  is,
0  = [SD] . [iH20] ’ 3-(vi)
[SH] [W 2 0]
27The general expression for the solvent isotope effect is ,
T S
kn = T T  (l - n + n 0) 3~(vii)
, H jR. •
J~j~ (l - n + n Jo)
where T.S. and R. stand for transition state and reactants 
respectively.
Applying to equation 3-(iv) gives,
kn = (1 - n + n J0-, ) ( l - n + n  J09)*“(l - n + n JZL)
H --:-------- =---------------------     —2.
^ ( l - n + n  ^ ) 2 3“(viii)
where n is the atom fraction of deuterium in the solvent.
Values for 0 ,^ 0 ^ } 0^ and 0^ are not known and to arrive
at a value for the solvent isotope effect, assumptions
and approximations have to "be made to yield the most
likely values for the fractionation factors. for the
solvent catalysed decomposition of nitramide, this has 
2 6heen reported and the results obtained agreed well with 
experiment, but the inherent mechanistic usefulness of this 
approach is Lil since the results are
insensitive to parameters directly related to transition 
state structure.
When the reaction is catalysed by bases rather than by 
water, two non-equivalent protons would be lost from the 
transition state, resulting in a much lower value for the 
solvent isotope effect. It has, however, been reported 
that even for catalysis by bases, the water molecule maintain 
its position in the transition-sta te/^acts as an agent for 
proton-transfer to the base. In this instance it would be 
difficult to predict the effect of a change in base on the 
solvent Isotope effect and in the lack of suitable data, it 
is not possible to distinguish between these two postulated 
transition state structures.
Model calculations of solvent isotope effects have not
been reported for the base-catalysed ionisation of weak acids
29but the results for aeid-catalysis show how the solvent 
isotope effect varies with the order of the bond being formed 
in the transition state. (See Table 3«l)»
29Table 3.1 Model Calculations of Solvent Isotope Effects
Order of bond being 
formed
0
0*123 
0/250 
0.375 
0 .5 0 0  
0.6'25 
0.750
0.875
1. 000
In general, water catalysis apart, the magnitude of 
the solvent isotope effect is much less than the corresponding 
value for the primary isotope effect, and hence to follow 
the rate of decomposition of nitramide, catalysed by various 
bases, in deuterium oxide would introduce only a small 
variable solvent isotope effect into the overall value 
obtained for the isotope effect. To this end we have 
determined the rates of decomposition of nitramide in water 
and deuterium oxide, using a series of substituted phenols 
as catalysts. Proto-nitramide was used in both solvents 
since, due to the rapid exchange of its protons in deuterium 
oxide, it behaved as fully deuterated nitramide in deuterium 
oxide.
Secondary Isotope Effect 
1 H /, H
n2u  r>2o
1.000
0.946
0.8 64 
0.788 
0.733 
0.681 
0.634 
0.566 
0.470
3.2
The decomposition of nitramide, catalysed hy "bases 
whose conjugate acids are stronger than nitramide, follows 
first order kinetics and the rate of reaction can he 
estimated from the equation,
Bo = elwt 3-(ix)
Pco -Pt
where and P, are the pressures of nitrous-oxide after
infinite and t seconds respectively.
However, when nitramide .is added to a solution of 
stronger "basic ions, the equilibrium 3-(^c) will he established,.
HN + N~ + HB • 3-(x)
where HN and N denote nitramide and its ion respectively.
The rate of decomposition of nitramide in such a solution
will he the sum of all the probable partial rates, and this
13can be represented by :
~ afHNl - k1[HN] + kg[HN] [N-] + k^[N~] + k^[B"[ [HN]
dt _ / . >.... 3-( x : l )
where k-^ s kg and k^ are the catalytic constants for the 
decomposition of nitramide catalysed by solvent, nitramide 
ion, and basic ion respectively while k^ is the catalytic 
constant for the decomposition of nitramide ion catalysed by 
the solvent.
If the initial concentration of IIB is A, that of B 
is B, and that of nitramide is C, then the following 
approximations will be valid if the reaction 3“(x) is almost 
complete; this will be the case as long as C^/(A + B) is 
large and Is small, where is the concentration of
nitramide after time *t, and KTJT, and K_T.T are the acidity• HB rIN
constants of HB and HN re spectivelyI
[N~] ^  B ,* [PIN] = C - [N~] ^  A - B ;
[HB] = G + [N“] —  A + B
[B“] [HN] ^ ( K hb/Khn).(A + B). . B
Substituting in equation 3~(xi.) we obtain,
-d [ HN 1 = k1 [HN] 4- kg [HN].B + k^.B + k^. K^B (A 4- B) .B 
dt “—KHN ...3-(xii) 
[HN] + k3.B 4- k4.KHB (A 4- B).B/Khn
k^ 4- kg.B
= [[HN] + p/c(] CL .
Hence,
a ln,[ . [HN ] + _g/c£] = - 0( 
dt
where 0{ = kn +'k0.B and, B = k_.B + k, *KTTT3 (A +.B).B 
1 2  3 4- H-d N '
khn
..#3-(xiii) 
..„3~(xiv)
....3-(xv)
Equation 3-(xv) corresponds to a first-order decomposition 
13of nitramide using the fictitious concentration [c, -  D],T3
where C, is the sum of the concentrations of nitramide and t
its ion at time t, and D is an empirical constant given by,
D = [N~] - p/o( 3-(xvi)
The criterion that a plot of log [C, - D] versus time should“C
be a straight line enables the value of D to be determined.
3.2(a) Materials
Nitramide was prepared from potassium nitrocarbamate
which was obtained from ammonium nitrourethane as described
30by Marlies, La Mer, and G-reenspan . All solvents used 
were purified before use as follows:
.(a) Diethyl ether—alcohol free; The commercial product 
was stored over calcium chloride to remove traces of 
alcohol.
(b) Diethyl ether-anhydrous; The commercial anhydrous
- : ether was dried first over calcium chloride and then
over sodium. It was then distilled.
(c) Petroleum ether; The commercial product (boiling point
AO-6o°C) was distilled and the fraction boiling between 
40-30°C collected.
Methanol; An aldehyde-free material was prepared by 
refluxing the alcohol for two hours with granular 
aluminium and potassium hydroxide, followed by 
distillation, collecting the fraction boiling between 
63 and 63i3°C (7 gms. of aluminium and 9 gms. of 
potassium hydroxide were used for every litre of alcohol 
treated. )
(H SO )
(i) NHoC00CoHc + C-Hj-NO^  —  --^  N0nNHC00CoH,. + CoHK0H
. 2 2 3  2 3 3  2 2 3  2 3
ethyl carbamate ammonium
nitrourethane
( i i )V ; NO2NHC00C2H3 + 2K0H — -NOgNKCOOK + CgH^OH + HgO
pota ssium 
nitrocarbamate
(iii). N0oNKC00K + 2H_S0, *~N0oNH + 2KHS0, + C0n
2 2 Zf 2 2 A 2
nitramide
The reaction scheme is given above and the method used for
the preparation of ethyl nitrate was essentially that of 
Chapman and Smith^2. Concentrated sulphuric and nitric
acids (200 and 100 mis. respectively) were mixed and cooled 
to a slush by immersing in a solid carbon dioxide-acetone 
bath. Ethanol ('100 mis.) was added gradually in small 
amounts with constant stirring, and the temperature of the 
mixture was never allowed to rise above -3°C. The ethyl 
nitrate produced, floated 011 the top of the acids as an 
oily layer. When the addition was complete the mixture 
was allowed to warm only until it was possible to pour the 
contents into ice-cold water (2 litres). The ester settled 
to the bottom and was separated, washed with water, dilute 
sodium hydroxide, and finally water before being dried over 
anhydrous calcium nitrate which contained a small amount of 
calcium carbonate. It was then distilled from silver nitrate 
crystals (3 gms.). and the fraction boiling between 87 and 8 8°C 
was collected. The overall yield was
Concentrated sulphuric acid (300 mis.) was cobled to 0°C 
in an ice-salt bath, ethyl carbamate (100 gms.) added and 
the mixture stirred until a homogenous solution was obtained. 
This solution was then cooled to -3°C and ethyl nitrate 
(110 gms.) added with stirring. The mixture was stirred 
for 1-g- hours and then poured over crushed ice (1 . 3  Kgms.) 
and the solution was then extracted six times with diethyl 
ether (200 ml. portions). The combined ethereal extracts 
were then poured over a mixture of crushed ice (100 gms.), 
concentrated ammonium hydroxide (100 mis.) and water (2 0 0 mis.), 
whilst being constantly stirred. The alkaline aqueous layer 
was removed and the ethereal solution was extracted a further 
four times with 200 ml., portions -of 0.03 M. ammonium 
hydroxide. A mixture of concentrated sulphuric acid (lOO mis.) 
and crushed ice (300 gms.) was added to. this ammoniacal
solution until it was acidic to Congo-red indicator.
It was then extracted again with alcohol-free ether 
(6 x 200 ml. portions) and the combined extracts were dried 
over anhydrous calcium chloride. The ethereal solution 
of nitrourethane was diluted with anhydrous alcohol-free 
ether (1.5 litres) and the solution was then saturated with 
dry ammonia gas, when the solid ammonium nitrourethane was 
precipitated. The product was filtered, washed with a 
small quantity of alcohol-free ether and dried in air.
The yield v/as 6of0«
Potassium hydroxide (500 gms.) was dissolved in purified 
methanol (2 litres), any insoluble material being allowed to 
settle, and 1500 mis. of this clear solution was cooled to 
0°C. Ammonium nitrourethane (50 gms.) was added to a 
mixture of vrater (‘100 mis.) and methanol (100 mis.) and the 
solution and excess solute allowed to cool to 5°C, when it 
was then poured into the cold potassium hydroxide-methanol 
solution. The mixture was kept in an ice-bath for 2 hours 
and stirred continuously. It was then filtered, and the 
solid was washed with cold ethanol (4 x 350 ml. portions) 
and dried in air. The potassium nitrocarbamate was finally 
dried in a vacuum desiccator over potassium hydroxide, until 
constant weight was achieved. It v/as stored in a desiccator 
over potassium hydroxide and kept in a refrigerator. The 
yield was 65%.
Concentrated sulphuric acid (7*3 mis.) was added to water 
(5 0 mis.) and the solution cooled until some ice-crystals 
formed. Potassium nitrocarbamate (9*1 gms.) was added, 
using a platinum spatula, in very small portions to the cold
dilute acid and the solution was shaken continuously.
After the addition was complete, alcohol-free ether (60 mis.) 
v/as added and the aqueous layer was frozen with constant 
shaking; the ether layer was decanted through a cold filter 
into another vessel. The extraction process was repeated 
four times and the extracts were collected; the ether 
from the extracts was then evaporated by passing a dry 
stream of air through the solution, until the nitramide 
precipitated. The solid nitramide was then dissolved in 
the minimum quantity of dry ether, and petroleum ether 
(2 0 mis.) was added to precipitate the nitramide which was 
filtered off and dried in air. The yield was 10%.
Pinal purification 7/as achieved by subliming the compound 
in vacuo onto a glass surface cooled by liquid nitrogen, 
and it was stored in a desiccator over potassium hydroxide 
and kept in a refrigerator.
The substituted phenols were obtained commercially
33and were purified as described by Bell . Their melting 
points agreed well wTith values given in the literature.
Substituted phenolate solutions were prepared by 
parial neutralisation of the acids with standardised sodium 
hydroxide (or sodium deuteroxide) solution, and then diluting 
to the required concentration by adding carbon dioxide-free 
water (or deuterium oxide).
Deuterium oxide (99*8% isotopic purity) was obtained 
commercially and stored in a tightly stoppered bottle which 
was kept -in a desiccator over silica-gel.
3.2(b) Pro ce dure
The reactions were carried out in a reaction flask 
connected to a pressure-transducer (Shaevitz type PTD-3G-) 5 
the output from which was recorded on a variable—speed 
pen-recorder as shown in figure 3*1® Appropriate manipulation 
of taps B, C, D, and E allowed evacuation and subsequent 
flushing of the flask with dry nitrous-oxide«
In a typical run, 20 mis. of phenolate solution were 
pipetted into the reaction flask, P, and the apparatus 
assembled as shown. Taps A, B and D, were then opened and 
the system was partially evacuated. Tap D was closed and 
Tap C opened to introduce dry nitrous-oxide until the pressure 
was about equal to atmospheric. The water-operated magnetic 
stirrer, G-, was started and the system placed in a water bath 
at 23.0 + 0.1°C, such that the v/ater level reached the mark, H. 
The pressure-transducer recorded a drop in pressure with time, 
as nitrous-oxide was dissolved in the solvent, and the system 
was left until no further decrease was observed. The flask 
was then evacuated and a further portion of nitrous-oxide 
admitted, the procedure being repeated until the solvent was 
saturated with nitrous-oxide.
The apparatus was removed from the water bath and the 
pressure in the system was equilibrated to atmospheric 
by opening Tap E, and the flask, P, was then removed. A 
weighed quantity of nitramide, in a glass-boat, was placed 
on the platform, I, flask, P, was carefully replaced, and the 
whole apparatus was gently lowered into the water bath. The 
flask was then evacuated and filled with nitrous-oxide to the 
required initial pressure and the system left until the
Figure 3»1
To
vacuo
To nitrous oxide To pressure transducer
E
To atmosphere
A
G-
pressure-transducer showed a constant initial reading.
A sharp shake to the flask was sufficient to dislodge the 
glass-boat containing the nitramide, and the reaction 
proceeded. Reactions were followed until an infinity value 
was reached.
The procedure for reactions carried-out in deuterium 
oxide was identical except that the nitramide was placed 
on the platform, I, before the first evacuation to minimise 
contact of the solution with atmospheric moisture. In all 
reactions in deuterium oxide, proto-nitramide was used as 
reactant since the concentration adopted (about 0 .0 3 M.) 
had little effect upon the isotopic purity of the deuterium 
oxide.
The pK' of deuterated nitramide was calculated from a
potentiometrie titration of nitramide in deuterium oxide
-7with sodium deuteroxide. A value of 1.1 x 10 was obtained
and this was used throughout the calculations.
3. 3 Re suits
(a) A typical Calculation,
The decomposition of nitramide in deuterium oxide catalysed 
________ by 2 ,4--dichlorophenol. .______ __________
The reaction was carried out in deuterium oxide in which the 
nitramide concentration was 0,0468 M and that of phenolate 
ion was 0.00327 M. The calculated concentration of nitramide 
anion was 0,0032 M.
Time (mins) P^-P^ (arbitrary units) (moles/litre)
••o 32.7 0.0468
4 3 1 .8 0.0433
8 30.7 0.0440
12 2 9 .8 0 .0 4 2 7
16 28.8 0.0412
20 2 7 .8 0.0398
24 26.9 0.0383
28 23.9 0.0371
32 24.9 0.0337
36 24.0 0.0344
40 23.1 0.0331
44 22.1 0 .0 3 1 6
48 21.2 0.0304
32 20.4 0 .0 2 9 2
36 19.3 0.0279
6o 18.7 0.0233
Figure 3*2 shows a plot of log [C.j. - x] versus time for a
value of x of -0.0889*
This gives p( = 4.47 x 10 ^
Hence k. = 1.81 litre 
4
se c. 1 and (3 =4.21 x
-1 -1mole sec
-6 -110 sec
Figure 3.2 
Calculation of o(
0.15
-p
o
0.10
6040 Time (mins)20
Table 3*2 Rates of ionisation of nitramide catalysed by 
various phenols in water and deuterium oxide 
at 25 * 0°C. ____________   ;_________
Ba se (litre mole (litre mole  ^k'^ /k'D
“1\ “lvse c )   sec )___________
PK.
Wa te r
2 54-Dinitro- 
' phenol
Nitramide ion
Penta chloro- 
phenol-
2 34,6-Trichloro- 
phenol
2-Nitrophenol
2,3-Dichloro~ 
phenol
2,4”Bichloro~ 
phenol
Phenol
Hydroxide
£0-1 
. 5a x 1° ■7
iO'O?
1 o 67a x  10 •7
0. 0166 ±0-0010 0e 00469
0 .0 3 6 8 0. 00683 *■ 0-000(2.
0 .4 4 9  ± o - o % o -  0 .0 3 1  - to-oo  5
1 . 8 4  0 .2 9 0  t o - o o l
3 .39 3O
.8.67 * o n 
1 3 4 . 3  ± 5”*^ .
1.13 x 1041
1 .3 4 0  ± o - o l o -
1 .8 1 0  t  o - o t o  
78.20 
3 . 0 a x  1 0 ^
5.1
3.5
5.4
0.0320 ± 0-0004. 0. 00314t^-°ooe,4- 10.2
9.0
6.3
4 . 0
4.8
1.7
2.3
-1.74
4.09
4.55
5.25
6. 00 
7.17
7.44
7.74
9.97
15.74
KTh.is pKa value was calculated from the Br^nsted equation
according to the catalytic power of the nitramide ion.
(a) These values for the second-order rate coefficients were 
taken from ref. 1 3 ;
The values of the rate coefficients given are the average values 
of several determinations at different base concentrations but 
the concentrations of base were always kept so that the approxi­
mations to give equation 3-(xii) were valid. For 2-nitro 
phenol an initial ratio of 20:1 was used for nitramide to anion 
concentration. Some curvature was observed for the first-order 
plots obtained for pentachloro- and 2,4,6-Trichloro-phenol* 
but the contribution to the rate of decomposition by the nitramide 
ion was determined and subtracted from the overall rate.
The catalytic coefficients calculated using equation 
3~(Xt/) were found to he sensitive to the value chosen 
for x, while the criterion that a plot of log (C^ - x) 
versus time he a straight line, was found to he relatively 
insensitive to the value of x. To maintain consistency, 
values of x were estimated from the relation,
log (C1 - x) - log (C2 - x) 
log (C^ - x) - log (C^ - x)
= 1
where C., , Cn and C_, C, are values for the total concentration l 2 3 if
of nitramide separated hy the same time interval.
13
One report in the literature gives values for the 
catalytic coefficients for some substituted phenols, and 
these compare well with the values obtained in this work 
as shown below;
—1 —1 _i —2.
Catalyst k^(litre mole sec ) k (litre mole sec )
(lit.*^) (This work)
2,4“Dinitro
phenolate 0 .0 1 3 2 0 .0 1 6 6
2-nitrophenolate 1.77 1.84
2,4-fichloro
phenolate 8 .7 1 8 . 6 7
2 2 
Phenolate I. 3 6 x 10 1.34 x 10.
Hydroxide 1.13 + 0.13 x 10^ 25
The hydroxide catalytic coefficient was not determined in
this work and its value, as well as that for the nitramide
1 13
anion, were taken from Tong and Olson s work .
The results in Table 3*2 show that as the basicity of 
the accepting ion is increased, the isotope effect,
k^/k^, passes through a maximum. This is consistent
with present theoretical considerations as to the origin
of the isotope effect, hut the requirement that the
maximum occurs when the free-energy change of the reaction
is zero is not easy to test in this case. The isotope
effects obtained in this reaction are the sum of primary
and solvent isotope effect contributions, and although
it is thought that the solvent isotope effect is small
compared to the magnitude of the primary isotope effect,
its variable nature could shift slightly the position of
the maximum with respect to the basicity of the catalysing
base. further, since the reactions were performed in the
solvents water and deuterium oxide, the acid equilibrium
i olA&r&'it
constants for the bases used will ■ '°ej  slightly/\in each
34solvent. Bell has discussed the relationship between 
the acid equilibrium constants for a series of acids in 
water and deuterium oxide, and shown that the relationship 
between log (K^/K^) and pK is a rough straight line of 
slope -0.020. The solvent isotope effect for the acidity 
of the phenols used varies from about 3 to 4? but since the 
solvent isotope effect for the acidity of nitramide is about 
3, then the same difference in acidity will be experienced 
by the nitramide molecule in both systems, and 7/e are 
justified in calculating isotope effects.
When the reaction is catalysed by the anion of the 
reacting compound (nitramide in this case) it would be 
expected to yield the largest value for the isotope effect, 
since only for this reaction would the free-energy change 
be zero. It has been maintained that the anion of nitramide
in aqueous solution possesses the structure of the aci-form 
of nitramide which would have a much lower pK, and the 
fact that the catalytic coefficient for the nitramide anion 
is much lower than the value predicted by the Br^nsted 
equation, seems to verify this suggestion. The isotope 
effects obtained vwuld, if present theory is valid, confirm 
that the ion produced in aqueous solution has a much lower 
basic strength than expected.
Pentachloro- and 2,4,6-Trichloro-phenols could be 
regarded as having a degree of steric hindrance not offered 
by the other phenols used, and this could lead to favourable 
conditions for the contribution to the rate due to tunnelling 
to increase, resulting in higher than predicted isotope effect 
values. However, it would be expected that 2.,4,6-Trichloro- 
phenol would give a high isotope effect since this acid has 
a pK (6.00) close to' that of nitramide (6.48). Only the 
isotope effect given by pentachlorophenol can be stated to 
be higher, by *L S'Orc-tbr\o£[ l^ov-v 4 32. a * * - 9 than that 
anticipated and this may be due to steric effects.
35-38,40
A few investigations, mainly by Bell and coworkers
support the existence of an isotope effect maxima in the
region where the free-energy change for the reaction is zero.
Of the reported studies only that for the ionisation of
38ethylnitroacetate (pK 5*8) is similar to the present case, 
and the results of this study are given in Table 3»3»
Tabled 3*3 Isotope Effects in the Ionisation of
38Ethyl nitroacetate_______________
Ba se kH/kD A  pK
Water 3-6 7.7
Monochloroacetate 6.6 3.3
Acetate 7.7 1.6
2-Methylpyridine 9.6 0.1
4-MethyIpyridine 9.1 0.1
2,6-Lutidine 9.9 —0.6
2-Chlorophenoxide ' 8.1 -2.3
Phenoxide 6.7 -3.9
Hydroxide 4*6 -10.0
It can he seen that the values given in Table 3*3 show a 
similar pattern to those obtained in this study, with the 
exception that the isotope effect for ethylnitroacetate 
changes somewhat more gradually with </\pK, emphasising 
the similarity in behaviour of a carbon and nitrogen acid.
The quantity ^  pK is often regarded as a measure of 
the asymmetry of the transition state and the results for 
ethylnitroacetate and nitramide seem complementary in 
asserting that the maximum in the isotope effect occurs 
when the transition^is symmetrical with respect to the 
position of the transferring proton.
It has often been cb£S&r^ -&■ that the Brjzfnsted exponent 
can also be used to measure the symmetry of the transition 
state. This implies that there must be some relationship 
between the Br/nsted exponent and Z\pK for a given reaction 
system.
This is not often found to he the case and it has 
39"been suggested that the possible rate of change in the 
value of the Br^nsted exponent with /\ pK, depends not on 
transition state symmetry hut on reaction type; viz. whether 
the reactant is a carhon, nitrogen or oxygen acid. But 
this apart, it would seem that the Br^nsted exponent is a 
very poor measure of transition state symmetry, in spite of 
a rough relationship with pK. (See Table 2.5)*
Figure 3*3 shows the Br^nsted plot for the decomposition
of nitramide in both water and deuterium oxide. Both give
straight lines over a fairly wide range of reactivity, but
as is often the case in this type of reaction, the observed
value for hydroxide catalysis is lower by some three powers
of ten than the value obtained by extrapolating the straight
13line to the pK of water. Previous findings using this
reaction obtained such a plot using water as solvent. The
slopes of the graph in figure 3*3 (0.7 2) are in good agreement
9
with that obtained previously for carboxylate ion catalysis 
(0.75)9 "but the value is some way beyond that of 0.5 predicted 
by theory for an almost symmetrical transition state.
We must conclude, therefore, that the value of the 
Br/nsted exponent bears an insensitive relationship to the 
structure of the transition state, if modern theories as 
to the cause of the maximum in the primary hydrogen isotope 
effect are valid.
Br^nsted plot for the decomposition 
of nitramide in water and de/iterium oxide
5
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